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PREFACE 


T O teach science piopeily and to acate an mtciesl in it among students, a good 
textbook is a necessity second only to a good teachei The textbook 
should not only be leadable and cleai, taking the students fiom the known to 
the unknown, but should also meet the demands of a syllabus based on local 
conditions and traditions. 

Chemistry is essentially an expeuincntal science, theicfoie, il it is taught with 
the help of suitable expeiiments, and with descriptions of its applications, it 
becomes easy to undcistand And although science is univcisal, foi teaching lL, 
locally available matcuals and familiar examples aic the most convenient to use 
and aie also sound pedagogically 

It is gcncially felt that ehcimsliy education in Indian schools has sufleicd a 
gicat deal ftom the lack of this appioach and fiom the non-availability of text¬ 
books following it Fuilhei, the acute xhoiLuge of good tcachcis in om schools 
is also well known Consequently, the suggestion has been made IhaL this 
deficiency should be made up by suitably planned textbooks 

It is against this background that the piesent textbook lias been planned An 
attempt has been made to develop the subject-matter with the help of cxpci iments 
and lllusLiations Familial materials, such as air and water, have been made Lhc 
stalling points foi an introduction to the science of chemistiy. The ptinciples 
relating to elements, compounds, mixtures, acids, bases and salts have been 
explained, using familiar substances as examples Simple designs of the ap¬ 
paratus lcquued for the experiments trie also given The cxpci iments can he con¬ 
veniently earned out by students or used by the teachei as demonstrations 

This textbook consists of tluec parts, intended foi a three-year higher secondary 
course ill Indian schools Pari I is meant foi Class IX, ParL 11 for Class X and 
Part III for Class XI 

Part I gives an idea of the vanous types ofmattcr and deals with the elemental y 
chemistry of common matcuals and the atomic and molccnlai basis of chemistiy 
It is intended to be an elementary introduction to the fundamental pi maples of 
chemistry, The common metals, non-metals, salts and oigamc compounds 
mentioned in Part I should be icadily available in the school museum and 
should be used in the couise of the sLudy. 

Part II and Part III rue under preparation Prut II deals with the application 
of physical laws to chemistry and with some important basic concepts requned to 



lindei stand then application It also deals with the chemisliy ol some impoilanl 
elements and then compounds hom the point ol view ol the Pei iodic Table 

Pait JU continues the descnption of the chemisLiy ol elements in the light of 
the PeuodicTable Fmthei, it deals with elementaly organic chemisliy, appioaeh- 
mg the subject thiough typical oiganie compounds 

At the end of each chapter, a hi icf sunniiaiy is provided along with questions 
to facilitate revision ol whaL is given m Lliat cliaptei At the end ol the book 
some rmpoitant objective-Lype questions aie given in an appendix, ll is hoped that 
these will be found uselul by both sLudents mid leticlieis 

Chemisliy has been advancing with gteal speed dining this cenluiy and many 
ideas have undetgone modilication. In sevcial eases, explanations have become 
more rational and simplified This change is still going on and consequently 
textbooks have to undergo consideiablc revision fiom time to time The hditonal 
Board hopes that this textbook will meet present-day needs and will seL a umloim 
standaid all over the countiy Foi the levision which may become neccssaiy m 
the future, suggestions and helpful cnticism me invited from all who may use 
this textbook. 
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INTRODUCTION 


Matter and Its Chemical Types 


The world is made up of a great variety of 
materials. Some are simple in nature, and 
these are called jd ements.i Others are com¬ 
pounds of a complex nature and yet others 
are tmixtumpf these. Some of the simpler 
and more abundant of these materials provide 
a convenient introduction to understanding 
chemical types and chemical principles. The 
most common among these materials are: 

1. Air, This is a typical mixture of various 
elements' and some compounds, 

2. Water. This is a typical compound but 
of comparatively simple nature. All the 
same, it is the most important compound 
m the world, and the most abundant. 

3. Carbon, sulphur and phosphorus, These 
are three elements which are commonly 
met with in everyday life. They are 


typical non-metals, and form acidic 
oxides. 

4. Metals, They belong to a different 
category and form basic oxides which 
generally dissolve in acids, forming 
'salts. The most commonly used metals 
are gold, silver, copper, tin, aluminium, 
mercury, lead and iron. They illustrate 
the typical properties of metals and the 
important uses to which metals are put. 

5. Salts. These are formed when acids 
and bases react with each other. 

6. Organic materials, They are compounds 
of carbon. 

The chapters that follow describe these 
materials, their chemical nature, their com¬ 
position and properties, their uses and the 
chemical principles they illustrate. 



CHAPTER 1 



1.1 Air is matter 

We are all familiar with the air we so freely 
breathe all the time. It forms the atmosphere 
around the earth and is essentially the same 
at all places, whether it be in the plains or 
near the sea or on a mountain. Air is 
colourless and cannot be seen, but its presence 
can be felt and its existence can be experi¬ 
mentally demonstrated, as in the three 
experiments described below. 

Experiment 1 

Pour some water into a glass trough, Now 
insert an inverted glass tumbler vertically 



into the water as shown in Figure 1. Press the 
tumbler under the surface of the water. 
Water does not rise up into it. This shows 
that the tumbler contains some gas which 
presses the water down and does not allow it 
to take up the space occupied by it. This 
gas is air, and it resists compression. 

Experiment 1 

Fit up an apparatus as shown in Figure 2. 
Dip the end of the delivery tube in the water 
in the trough. Pour some water through 
the tap-funnel. Notice the bubbling at the 
end of the delivery tube. This shows that 
there was air in the bottle which has been dis¬ 
placed by water. 

Experiment 3 

» 

Take a round-bottomed flask of stout 
glass. Fit it with a rubber stopper carrying 
a glass tube with a pinchcock as shown in 
Figure 3. Fill about half of the flask with 
water. Open the pinchcock and boil the 
water in the flask. When steam begins to 
come out of the tube and the air in the flask 
has been displaced by steam, close the pinch¬ 
cock. Allow the flask to cool, The steam 
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- wa ter 



1.3 Air is a mixture 

Until the middle of the eighteenth century, 
most people m the world, including Indians, 
considered air to be one of the five elementary 
substances, the others being water, fire, 
earth and ether. According to them, these 
substances, when compounded in various 
proportions, gave rise to the different kinds 
of matter present in the world. Gradually, 
it was discovered that air is not a simple 
substance. In 1757, Joseph Black, a Scottish 

AIR 

BUBBLES 


WATER 
• IN TROUGH 


Fig 2. "Air occupies space (displacement by water). 

inside condenses creating a vacuum. Weigh 
the closed flask. Open the pmchcock and 
note the hissing noise due to the entry of air 
into the flask. Weigh again the open flask. 
Note that the second weight is greater. 

These experiments show that air occupies 
space and has weight, like any other form of 
matter. 

Air was first weighed in 1654 by Otto 
Von Guericke. He weighed a hollow sphere 
in its normal state, and again after all the 
air had been pumped out, and thus got a 
rough idea of the weight of air. 

One litre of air weighs approximately 
1.293 g under ordinary conditions. 

1.2 Air is an important chemical material 

Without air life would be impossible. 
Both man and animal require it for respira¬ 
tion. Plants need it for their growth. Air 
is essential for burning also. All this was 
first tested and demonstrated experimentally 
in 1660 by Robert Boyle, by putting various 
objects in an evacuated vessel. 


chemist, found that a part of the air, though 
very small, could be extracted with alkali, 
and he called it ‘fixed air’ because it was 
formed when a mineral like limestone was 
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heated It was found to be very much like 
the gas which is evolved in respiration or in 
the burning of fuel This gas is now called 
cat bon dioxide. The presence of carbon dioxi¬ 
de in common air can be demonstrated by 
the following experiment. 


A/R 


WASH sot tie 


FRESH UMB 
WATE/i 


WATER FROM 
TAP 


WATER 

SUCT/ON PUMP 



Fig. 4. Air contains carbon dioxide 

Experiment 4 

Take some lime water in a gas-washing 
bottle, one end of which is attached to a 
filter pump and the other open to the air as 
shown in Figure 4. Start the pump. After 
some time you will see that the lime water 
turns milky This is due to the reaction of 
lime water with the carbon dioxide contained 
in the air which is sucked m 

During the years 1770-1777, air was 
shown by a number of chemists to contain 
two main parts, one which supported com¬ 
bustion and the other which did not. In 1770, 
Karl Wilhelm Scheele noted the contraction 
of a confined volume of air standing in con¬ 
tact with moist iron filings. 

Experiment 5 

Invert a burette containing some moisten¬ 
ed iron filings, sticking to its walls inside, 



Fig. 5. Iron rusts in air. 
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over a beehive shelf in water in a trough as 
shown in Figure 5. Keep the level of water 
at the zero mark. Close the stopcock of the 
burette and allow the apparatus to remain 
for a few days. Note the rusting of iron in 
the burette and also the rise of the water 
level above the zero mark into the burette to 
about one-fifth of the burette scale. When 
the level becomes constant, test the residual 
gas in the burette with a glowing splinter 
after raising the burette out of the water. 
Note that the splinter is extinguished. This 
shows that the residual gas does not support 
combustion, indicating that air consists of : 
( 1 ) active gas, absorbed during rusting (about 
one-fifth of the air), (ii) inactive gas, left 
behind (about four-fifths of the air). 

Scheele called the absorbed air fire air 
and the remaining air foul air because the 
former supported combustion and caused 
rusting of iron while the latter did not. In 
1772, Joseph Priestley discovered that about 
20 per cent of the air is active. Though all 
these experiments indicated that air is a 
mixture of moie than two substances, none 


of these chemists was bold enough to state 
this fact. It was Antoine Lavoisier, who 
declared in 1777 that the common air is a 
mixture. He did a classical experiment 
which proved beyond doubt that air consisted 
of two parts with strikingly different, rather 
opposites, properties. One of them which 
formed about 20 per cent (by volume) of the 
common air and supported combustion was 
called oxygen by him and the other which 
did not help combustion was named nitrogen. 
He carried out the following experiment. 

He took a known weight of mercury in a 
glass retort and connected it with the air in 
a bell-jar inverted over mercury in a trough 
as shown in Figure 6. He heated the mercury 
continuously until there was no further 
decrease in the volume of air and noted that 
the original volume of air had decreased by 
about one-fifth and the residual air extin¬ 
guished a flame and suffocated an animal (a 
mouse). 

He removed all the red solid matter (mer- 
cunc oxide) left, into a similar but separate 
apparatus and heated it again till no 


RETORT 





Fig 6 . Lavoisier’s classical experiment 
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further gas was evolved, and collected the 
gas The original amount of mercury was 
again formed and the gas liberated amounted 
to one-fifth of the original air This gas 
was oxygen and when it was mixed with 
the residual air, it gave the common air 
once again. 

Another experiment demonstrating the 
presence of oxygen in the common air is 
described below. 

Experiment 6 

Take a piece of white phosphorus in a 
small basin and place the basin on a beehive 
shelf dipping slightly in water m a trough. 
Cover it with a jar canying a glass rod as 
shown in Figure 7 Divide the height of the 



Fig. 7. Water rises m the bell-jar after phosphorus 
is burnt in closed air. 

jar above the water into 5 equal parts and 
mark each with a glass pencil or by pasting 
paper. Heat the glass rod and touch the 
phosphorus piece with the hot glass rod 
quickly, and fit the stopper into the mouth 
of the jar immediately. Note that the 
phosphorus catches fire and the white dense 
fumes first formed readily dissolve in the 
water and cause it to rise to the first mark. 
Now bring a lighted taper into the jar and 
note that it is extinguished at once. This 
shows that air contains about 20 per cent of 
oxygen which reacts with the phosphorus 


and that the rest of the air does not support 
combustion. 

Note. The quantity of phosphorus 
should be enough to combine with all the 
oxygen 

The part of air free from oxygen and 
carbon dioxide was taken for a long time to 
be pure nitrogen, and it was only in 1894 
that William Ramsay found it to contain 
further five gases which are far more 
unreactive than nitrogen. He called them 
the noble gases or rare gases or inert gases. 
They are helium, neon, argon, krypton 
and xenon and all together they form about 
1 per cent of the common air. Argon is the 
most abundant of these. Nowadays all 
these gases are separated from one another 
by special methods. 

1.4 Composition of air 

In addition to the gases mentioned above, 
air also contains water vapour the presence 
of which can be demonstrated by the follow¬ 
ing experiment. 

Experiment 7a 

Take some fused calcium chloride m a 
watch-glass. Expose it to the air for about 
an hour. Note that the fused chloride 
becomes damp on account of the absorption 
of water from the air. 

Experiment 7b 

Take a test-tube and fill it with ice pieces 
and keep it for some time. Note that water 
drops are formed on the outside of the test- 
tube due to condensation of moisture from 
the atmosphere. 

Among all these constituents of air, 
the proportions of oxygen, nitrogen and the 
noble gases remain fairly constant every¬ 
where, whereas the concentration of carbon 
dioxide and water vapour can vary. The 
percentage composition of the constant 




The panel shows Lavoisiei being 
anested in his laboiatoiy by the 
Revohitionaiy Committee 


Antoine Laorfnt Lavoisier ( 1743-1794J 
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constituents is as follows 



Percentage 

Percentage 


by 

by 


volume 

weight 

Nitrogen 

78 09 

75.52 

Oxygen 

Other constituents, mclud- 

20 94 

23.14 

mg the noble gases 

0.97 

1.34 


100 00 

100 00 


Among the variable constituents, carbon 
dioxide, which rarely exceeds 0.03 per cent 
(by volume) of the whole air, is important 
It is formed in nature mainly as a result of 
the burning of fuel and the respiration of 
animals and plants. In crowded cities and 
industrial towns, there is slightly more 
carbon dioxide m the air than in open places. 

Water vapour, another variable consti¬ 
tuent, becomes visible in the form of mist, 
fog, rain or dew, and varies over a wide range 
from quite sizable amounts to fractions of 
one per cent, depending on local conditions 
and on the temperature. In a hot climate the 
percentage of water vapour is higher than in 
a cold climate, and during the rainy season 
it is very high. 

In addition to the above constituents, 
air also contains some chance impurities. 


These aie gases like hydrogen sulphide, 
ammonia and sulphur dioxide. But they are 
usually present in very small amounts and are 
found particularly in industrial towns 

1.5 Important components of air 

A Oxygen This is considered to be an 
element because it cannot be split into simpler 
substances It is a colourless and odourless 
gas, slightly heavier than air. Every gas has 
a definite mass per unit volume (1 litre), at 
0°C and 760 mm piessure, and this is known 
as its density One litre of oxygen at 0°C 
and 760 mm pressure weighs 1 43 g, and 
therefore this is its density. It is slightly 
soluble in water. It is absorbed rapidly by 
a solution of pyrogallol containing sodium 
hydroxide and can be removed from air. 

Oxygen is quite reactive and combines 
with many substances. It helps burning and 
respiration Hence it is very useful. Steel 
cyhnders filled with oxygen under pressure 
are used in hospitals for artificial respiration 
and in workshops for getting a flame with a 
high temperature which is used in welding. 
There is another important role that oxygen 
plays in nature. It helps in the decomposi¬ 
tion of dead matter to produce carbon 
dioxide, water and nitrogen. 



Fig 8. Laboratory preparation of oxygen 
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Though oxygen is ordinarily a gas, it can 
be changed into the liquid form by cooling 
and applying pressure. When it is in the 
liquid state, it is called liquid oxygen. 

Oxygen is made commercially from liquid 
air. Liquid air is obtained by cooling and 
compression of purified air. When it is 
allowed to evaporate slowly nitrogen comes 
off first and oxygen is left behind In the 
laboratory oxygen can be easily prepared by 
heating potassium chloiate mixed with a 
little manganese dioxide as described in the 
following experiment. Here manganese 
dioxide is used to facilitate decomposition of 
potassium chlorate. Such a substance which 
accelerates a reaction is called a catalyst. 

Experiment 8 Laboratory preparation of oxygen 
Powder some crystals of potassium 
chlorate and mix with a little manganese 
dioxide. Place this mixture in a hard-glass 
test-tube and fit it with a cork carrying a 
delivery tube dipping under water in a trough 
Heat the test-tube and collect the gas in jars 
by downward displacement of water over a 
beehive shelf as shown in Figure 8. Note 
the following properties of the gas: 

i) Introduce a glowing wood splinter into 
one of the jars of oxygen gas. Note that 
the splinter burns more brightly 

ii) Lower a lighted candle in another jar of 


the gas and note the brightness of the 
flame 

B. Nitrogen. Like oxygen, nitrogen is also 
an element. It is a colourless gas with no 
odour. It is a little lighter than air It is 
very sparingly soluble m water. It liquefies 
under high pressure into a colourless liquid 
and solidifies into a snow-like mass. It is 
relatively inactive and thus it neither supports 
combustion nor reacts with other subs¬ 
tances under ordinaiy conditions. However, 
nitrogen does react at high temperatures, 
e.g., it combines with oxygen, hydrogen 
and some metals like magnesium. It is 
not poisonous but animals die in it for lack 
of oxygen. In fact it acts as a diluent for the 
oxygen in the atmosphere It is used for 
filling cheap electric bulbs and provides an 
inert atmosphere in many reactions done in 
the laboratory or in industry. Industrially, 
it is used for making important chemicals 
like ammonia and nitric acid. 

Nitrogen is obtained industrially from 
liquid air, but in the laboratory it can 
be prepared by heating a mixture of ammo¬ 
nium chloride and sodium nitrite in solution 
as described in the following experiment. 

Experiment 9 Laboratory preparation of nitrogen 
Prepare strong solutions of sodium nitrite 
and ammonium chloride. Mix them in 



FDEFL A GRATING 
SPOON 
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SPL/NTER 


LIGHTED 

CANDLE 
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Fig 9. Glowing wood Fig 10 Lighted candle 
splinter in oxygen. in oxygen 


I *-.DEFLAGRATING 
SPOON 
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Fig. 11. Lighted magnesium ribbon 
m oxygen 
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equal volumes in a round-bottomed flask 
and fit up the apparatus as shown in Figure 
12. Heat the flask gently and collect the gas 


ferred to hydrogen because the latter is 
inflammable whereas helium is not Helium 
is also used by divers, along with oxygen, 
for inhalation. Liquid helium boils at a 



Fig. 12. Laboratory preparation of nitrogen 


in jars over water by downward displace¬ 
ment of water. Note the following properties: 

i) The gas has neither colour nor smell, 
n) Introduce a burning candle on a deflagrat¬ 
ing spoon into one of the jars containing 
the gas. Note that the candle is at once 
extinguished. 

m) Introduce a piece of burning magnesium 
ribbon into another jar of the gas. Note 
that the gas combines with magnesium 
to form a white substance called magne¬ 
sium nitride 

C. The noble gases. They are also 
elements and their main characteristic pro¬ 
perty is their inertness. They are far more 
unreactive than nitrogen and do not take 
part in ordinary chemical reactions They 
are all colourless gases with no odour. 

The most interesting among these gases 
is helium. It is the lightest of all gases, 
except hydrogen. It is about seven times 
lighter than air and is used to fill observa¬ 
tion balloons. For this purpose it is pre¬ 


tubes and they emit differently coloured 
lights, as for example, as in neon signs largely 
used in cities for display. 

1.6 Mixtures 1 

Thus we find that air is a mixture of 
gases which are mostly elements. These can 
be separated by liquefying air and allowing 
it to evaporate fractionally. Mixtures of 
solids and liquids and gases are common 
m nature. Some mixtures are very complex 
and some are simple. Some of the simpler 
solid mixtures are : 

l) iron filings and sand 

ii) sand and sulphur 

iii) sand and salt 

iv) gunpowder. 

They can be separated by simple mecha¬ 
nical methods as described below. 

Experiment 10 

Shake the mixture of sand and salt with a 
little excess of water in a beaker. Stir with 




Fig 14b. Evaporation on a water bath 


Fig. 14a, Evaporation on a saud bath 
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a hot water bath or by blowing air 
Carbon disulphide evaporates away and 
sulphur is left as a residue. 

Caution. Carbon disulphide is an inflam¬ 
mable liquid and should not be brought 
near a flame. 


Experiment 12 


[Separation of iron filings and sand 
(mixture_ J 


Iron filings are attracted by a magnet and 


sand is not. The two therefore can be 
separated with the help of a magnet Take a 
magnet and move it over a thin layer of the 
mixture. Note that iron filings stick to the 
magnet leaving behind the sand. The iron 
filings are collected by the magnet. 

Other methods for separation of mix¬ 
tures are dealt with later when special types 
of mixtures, as for example solutions, are 
discussed. 


SUMMARY 

Anything which occupies space and possesses weight is matter 
Air is matter. 

Oxygen and nitrogen are the main components of air. 

Oxygen supports combustion; nitrogen does not. 

Air contains carbon dioxide and water vapour. 

Air also contains some useful inert gases such as helium, neon and atgon. 

An element is a substance which cannot be split into simpler substances Oxygen 
and nitrogen are elements and so are the noble gases. 

A mixture contains more than one substance, not necessarily m a fixed pro¬ 
portion, and possesses properties more or less like those of its constituents. 

Air is a mixture of gases. Mixtures of solids, liquids and gases occur in nature. 
A solid mixture can be separated into its components by simple mechanical 
processes such as solution, filtration, evaporation. 

REVISION QUESTIONS 

1. How would you show that ‘air is matter’? 

2. Describe two experiments to show that air is a mixture of at least two gases. 

3. Describe an experiment to show that air contains carbon dioxide 

4. How can you show the presence of water vapour m air? 

5. How can we show the presence of the noble (inert) gases in the air? Name 
some of them 

6. What would happen if air contained no other gas except oxygen? 

7. Describe an experiment for the isolation of oxygen and nitrogen from air. 

8. Can you show that air is essential for life? 

9. Name the important components of air. 

10. What is the difference between the air in the countryside and in an indus¬ 
trial town? 

11. How will you prepare: 

a. Oxygen in the laboratory 

b. Nitrogen in the laboratory? 



CHAPTER 2 


l 

Water 


2.1 Natural water 

Water is one of the most familiar and essen¬ 
tial materials. Almost three-fourths of the 
earth’s surface is covered with it. One sees 
it in the form of rain, and in lakes, rivers, 
wells, springs, seas and oceans How im¬ 
portant water is for life can be judged from 
the fact that two-thirds of the human body 
is made up of it. 

Water is a colourless liquid used for 
drinking and washing. It has many other 
uses, too. It is used in boilers to give the 
steam which drives engines. It is solidified 
to ice and widely used for cooling in the home, 
in the laboratory and in industry. For the 
chemist it has a special importance because 
of its ability to dissolve a large number of 
substances. 

Experiment 1 

Put some salt or sugar m water in a 
beaker. Stir with a glass rod. Note that the 
salt or sugar readily dissolves. 

2.2 Impurities in natural waters 

Water obtained from natural sources 
contains dissolved and suspended impurities 


and also disease-producing bacteria or 
germs. Rain water, however, is the purest 
of all natural waters; it contains only dis¬ 
solved gases like oxygen and carbon dioxide. 
Other natural waters contain dissolved salts 
also, but these are generally found in small 
proportions in the waters of wells, springs, 
rivers and lakes. The proportion of salts 
is much higher in sea water, being about 
3.5 per cent. The chief of these is common 
salt, also called sodium choloride. Some¬ 
times spring water contains large amounts 
of dissolved substances; it is then called 
mineral water. 

2,3 Pure water 

Water for scientific purposes should be 
free from dissolved substances. Such water 
is obtained by distillation, which is carried 
out in a suitable apparatus as shown in 
Figures 15a and 15b. 

Experiment 2 

Take some water in a distillation flask 
fitted and connected by means of a condenser 
to a receiver as shown in Figure 15a. Allow 
cold water to run from the tap into the con- 
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Fig. 15a. Distillation from a distilling flask 



denser and heat the flask. Water is con- 2.4 Water is a compound 
verted into steam and gets condensed and 

collected in the receiver as pure water. Like air, water at one time was considered 
Dissolved solid impurities are left behind in to be a simple substance and this idea 
the distillation flask. The distilled water prevailed until quite late in the eighteenth 
may contain some carbon dioxide gas century. During the years 1781-84, Priestley, 
dissolved from the air. Cavendish and Lavoisier noted that during 
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their experiments on the combination of Experiment 4 Deposition of water by electric 
hydrogen and oxygen, water was formed. 

Later, water was decomposed by electricity Pass an electric current through water 
into the two gases, hydrogen and oxygen. mixed with a little acid (to allow the current 
These experiments showed that water is not to pass through) in a voltameter as shown in 
an element. But it is not a mixture either, Figure 17 Note that two gases collect 


because it cannot be separated into its 
components in the simple way m which 
mixtures can be An elaborate process has 
to be carried out to decompose water into 
its constituents. Further, these constituents 
are combined m fixed proportions by weight: 
1 g of hydrogen combines with 8 g of oxygen 
to give 9 g of water. 

Experiment 3 Explosion of hydrogen and oxygen 
to produce water 

Collect measured volumes of pure dry 
hydrogen and oxygen gases in a eudiometer 
tube over mercury in a trough as shown in 
Figure 16. Take oxygen in large excess. 


aceoxr after. 



Fig 16 Explosion of oxygen and hydrogen to 
form steam and water, 

(a) before (b) after 

Explode the mixture by sparking between 
platinum wires fused in the tube which is made 
of glass. Cool the tube after the explosion. 
Note the volume of the excess gas left after 
adjustment of pressure by pouring more 
mercury into the trough. You will find that 
two volumes of hydrogen combine with one 
volume of oxygen to produce water which 
condenses on the surface of the mercury m 
the tube. 



Fig 17. Decomposition of water by electric current 


separately in the two arms of the voltameter, 
always in the volume-ratio of 1:2. Also 
note that the gas with one volume rekindles 
a glowing wood splinter and is therefore 
oxygen, whereas the gas occupying two 
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volumes burns when lighted and is therefore 
hydrogen. This shows that water is a 
chemical compound of oxygen and hydrogen 
combined in the ratio of 1:2 by volume. 

Experiment 5 Decomposition of water by heated 
iron filings 

Arrange an apparatus as shown in Fig¬ 
ure 18. Pass steam, generated from a steam 


oxide In this experiment, iron removes the 
oxygen from the steam and leaves hydrogen. 

Experiment 6 The composition of water by weight 
Arrange an apparatus as shown in Fig¬ 
ure 19. Weigh accurately about a gram of 
pure black oxide of copper (cupric oxide) in 
a porcelain boat and place it in the combus¬ 
tion tube. Fleat it while a current of pure 



t 

Fig. 18. Decomposition of water by heated iron filings 


can, over heated iron filings, and collect the dry hydrogen is being passed over it. Cupric 
gas liberated, in a glass jar over water oxide gives up its oxygen to hydrogen to 
in a trough. Observe that it behaves like produce water which is absorbed by phos- 
hydrogen. Iron forms a compound with the phorus pentoxide or fused calcium chloride 
oxygen of the steam and is called magnetic in the weighed U-tube. When the cupric 

CUPRIC OXIDE 
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oxide has largely changed into copper, weigh 
the boat. The loss in weight gives the weight 
of the oxygen which has combined with 
hydrogen Weigh the U-tube after the 
experiment. The increase gives the weight 
of water produced. The difference between 
the weights of water and oxygen gives the 
weight of the hydrogen combined. 

Observations and Calculations 

Weight of boat-(-oxide 

(before experiment) = 6 45 g 
Weight of boat-(-residue 

(after experiment) = 6 05 g 
Weight of oxygen = 6 45-6 05=0 40 g 
Weight of U-tube 

(before experiment} = 20 56 g 
Weight of U-tube 

(after experiment) =21.01 g 
Weight of water 

produced = 0.45 g 

and weight of hydrogen 

combined = 0.45-0.40 = 0.05 g, 

0.45g of water contains 0.40g of oxygen 
and 0 05g of hydrogen, or 9g of water 
contains 8g of oxygen and lg of hydrogen. 

Finally, the properties of water are entirely 
different from those of hydrogen and oxygen 
which are both elements. Water is therefore 
a typical compound. A compound is defined 
as a substance which has the following 
characteristics : 

l) It is homogeneous, 
n) Its constituents are combined in definite 
proportions 

iii) Its constituents are not easily separable. 

iv) It possesses properties different from 
those of their constituents. 

2.5 Properties of water 

Pure water is a colourless, transparent 
liquid having no taste or odour Thick 
layers of water have a bluish green colour. 
The freezing point of pure water is constant 


and is marked as 0°C under a pressure of 
1 atmosphere, and the boiling point is 100°C 
under a pressure of 1 atmosphere. The 
mass of one cc of water at 4°C is 1 gram 
(which is a unit of mass m the metric system) 
and this is called its density also. The unit 
of heat is one calorie and it raises the tempe¬ 
rature of lg of water through 1°C. Thus the 
properties of water provide standards of 
mass and heat. 

A general property of liquids may be 
emphasized here. Any pure liquid has a 
definite freezing point and boiling point, and 
also a definite density. 

Experiment 7 Determination of the lrcczing point of 
water 

Half fill a beaker with pure water. 
Set up a thermometer dipping into the 
water as shown in Figure 20. Record the 



Fig. 20 Determination of the freezing point of 
water 

temperature. Surround the beaker with 
freezing mixture (ice-[-salt) in another vessel 
and stir the water. Note that the temperature 
goes down until the water begins to freeze. 
Note this temperature. It is 0 D C and is the 
freezing point of water. 
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Experiments Determination of the boiling point of 
water 

Take pure water and some pumice stone 
in a distillation flask fitted with a thermo¬ 
meter in its mouth. Set up the flask as 
shown in Figure 21. Heat the flask until 



Fig. 21. Determination of the boiling point of water 

the water in it begins to boil. Note the 
temperature when the thermometer is dipping 
in the water and also when it is above it, 
while the water is boiling The tempera¬ 
ture is 100°C. This is the boiling point 
of water If the water is not pure the 
thermometer should not dip in the boiling 
water since it will then record a higher tem¬ 
perature. 

Experiment 9 Determination of the density of water 

Take a density bottle marked as 10 cc 
and weigh it. Fill it with pure water up to 
the mark. Clean it from outside and weigh 
it. Note down the weights as follows: 
Weight of empty bottle = 30 g 
Weight of bottle+water = 40 g 
Weight of water=40-30 = 10 g 


Volume of the bottle = 10 cc 
Mass of water per cc = 10/10=1 g 
This is the density of water. 



Fig 22. Determination of the density of water 

Water is remarkably stable to heat. It 
begins to decompose only above 1000°C. 
Pure water, when shaken with soap solution, 
gives lather freely. This water is said to be 
soft. Impure water containing dissolved 
matter may be hard Hard water does not 
produce lather with soap solution unless the 
latter is added in excess and shaken. Hard¬ 
ness in water is due to the presence of salts 
of calcium and magnesium. This hardness 
can be removed by special methods which 
are discussed in Part II of the book. 

2.6 Hydrogen gas 

Hydrogen gas was first collected by 
Van Helmont in the seventeenth century, 
but was studied much later by Henry 
Cavendish in 1766. Both of them prepared it 
by the action of dilute sulphuric acid oi 
hydrochloric acid on metals like zinc, iron 
and tin. This is the method which is even 
now commonly used in the laboratory for 
its preparation 

Experiment 10 Laboratory preparation of hydrogen 

Fit up a Woulfe’s bottle with a thistle 
funnel and a delivery tube dipping into water 
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SUMMARY 

Water is a chemical compound of hydrogen and oxygen gases which are 
themselves elements A chemical compound is defined as a homogeneous subs¬ 
tance composed of two or more elements combined in a fixed proportion and 
having properties diffeient from those of its constituents. 

Water dissolves many substances and therefore possesses a high solvent power. 
Pure water produces lather readily with soap solution and is called soft. Hard 
water, when shaken with soap solution, does not readily produce lather but forms 
a curdy precipitate 

Natural water is impure and requires purification to make it fit for drinking. 
REVISION QUESTIONS 

1. Why do you say that water is matter? 

2. Describe one experiment to show that water is a compound of oxygen and 
hydrogen. 

3. Describe how we can prepare hydrogen and oxygen in the laboratory. 

4. What is meant by the statement: 

a. Oxygen is a supporter of combustion 

b. Hydrogen is combustible? 

5. What products are formed when 1 

a. Hydrogen is burnt in air or oxygen. 

b. Magnesium ribbon is burnt in oxygen. 

c. Steam is passed over heated iron filings. 

d. Hydrogen is passed over heated copper oxide ? 

6. Is it correct to say that water is essential for the existence of life 1 ? 

7. Why do we add some acid to water for its decomposition by an electric current? 

8. What is natural water? Name the impurities which are usually present in 
natural waters. 

9. Which water would you call hard and which soft? 

10. How do you prove a water to be hard? 

11. Why do we need to purify natural water for drinking purposes? 



CHAPTER 3 


Carbon, Sulphur and Phosphorus 


3.1 Carbon 

Everyone is familiar with coal and wood 
which are used as fuels for burning. We 
get coal from mines and wood from forests. 
Both of them decompose when heated in 
retorts out of contact with air. The product 
from coal is called coke and the product 
from wood is charcoal Both coke and 
charcoal consist mostly of caibon. 

When oil is burnt incompletely, it 
produces a fine black powder which is called 
lampblack or carbon-black This is almost 
pure carbon Coke, charcoal and lampblack 
represent the amorphous forms of carbon, 
and are used for different purposes. Wood 
charcoal is used as a fuel and in the extraction 
of metals; it is used also m the preparation of 
gunpowder and for the absorption of vapours 
and gases. 

Experiment .1 

Take some kerosene oil in an iron lamp 
with a cotton wick. Light the lamp and 
invert an earthen pot or a glass plate over 
the flame as shown in Figure 25. Note that 
a fine black powder is deposited on the inside 


of the pot or the surface of the glass plate. 
This is called lampblack. 



Fig 25 Soot deposits on earthen pot over a lighted 
oil-lamp. 


Coke finds application in the preparation 
of several metals from their natural sources 
called ores. Lampblack is used as a black 
pigment in making paint and Indian and 
printer’s inks. It is also used in the rubber 
industry. 

Carbon exists in nature in a crystalline 
form also Two of these forms which differ 
greatly in appearance are diamond and 
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graphite. The former in its pure form is 
colourless and it shines, wheieas tlie latter is 
a dark grey substance. But both consist 
of the same element caibon and when 
burnt in the presence of oxygen give 
carbon dioxide. Further, they cannot be 
decomposed into simpler substances Hence 
carbon is an element and it exists in several 
forms, crystalline and amorphous. These 
forms have different physical properties but 
the same chemical properties. This capacity 
of an element to exist m two or more forms 
is known as allotropy, and the different 
forms are called allotropic modifications. All 
these when burnt in oxygen give only carbon 
dioxide, 12 g of any form gives the same 
amount (44 g) of carbon dioxide. 



3.2 Diamonds 

Though diamonds occur in nature, they 
aie rare and, theiefore, costly They are 
found as small crystals either in rocks or m 
the beds of streams They vary in size and 
weight. The largest natural diamond ever 
found weighed 620 g. South Africa and 
Congo have rich deposits of diamonds. They 
are also found in the Uial mountains m the 
U.S S.R, in Australia and in Central India. 

Natuial diamonds are suitably cut and 
polished to give the maximum brilliance or 
leflection of light, and are used in jewellery. 
Amsterdam in Holland has a large diamond 
industry. Finely cut and peifectly trans¬ 
parent diamonds are called ‘brilliants’. Some 




Fig. 26. Brilliants 
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patterns are shown m Figure 26 (page 21). 
They are very expensive. 

Sometimes diamonds are coloured because 
of impurities; they are blue, green, red, 
pink and yellow. The colour is due to the 
presence of traces of metals. There are also 
black diamonds called caibonado and these 
are cheap. Being the hardest material, these 
diamonds are used to cut other hard materials; 
for example, they are used to cut glass and 
to drill rocks. Nearly 80 per cent of the 
diamonds produced these days are used for 
this purpose. Some quantity of diamonds 
is also prepared synthetically. 

Diamond is the densest form of carbon; 
its specific gravity is 3 5 It is a non-con¬ 
ductor of heat and electricity. When it is 
heated strongly in the absence of air, it 
changes into graphite. When diamond is 
heated strongly in oxygen, it burns and gives 
carbon dioxide. 

3.3 Graphite 

Graphite occurs in nature in the mines of 
Mexico, Canada, Madagascar, California, 
India and Ceylon. It is a dark greyish 
substance possessing some lustre. Its specific 
gravity is about 2.2. It is opaque and soapy 
to touch. When drawn across paper, it leaves 
a mark consisting of minute crystals adhering 
to the paper. The so-called lead pencils 
are really made from graphite. Graphite 
does not burn in air but it does so in pure 
oxygen. 

Experiment 2 

Take some graphite in an iron crucible. 
Heat it strongly in air. Note that the 
graphite does not burn even on strong heat¬ 
ing. Heat the crucible with graphite in it in 
a current of oxygen blown into it as shown in 
Figure 27. Note that graphite burns in 
oxygen. 

Unlike diamond graphite is a conductor 
of electricity, though a poor one. It is there¬ 


fore some times used in making electrodes. 
Mixed with fine clay, it is used for making 



Fig. 27. Graphite burns in oxygen and not m air 

crucibles which can withstand high tempera¬ 
tures Mixed with oil, it is used as a lubricant, 
i.e., a substance which overcomes friction in 
machines Highly purified graphite has 
recently found use in nuclear reactors. 
Graphite is also prepared artificially from 
coke, and this artificial graphite surpasses 
natural graphite m purity and homogeneity. 

The chemical reactions of diamond and 
graphite are similar. Both of them are 
stable to acids and alkalies and on burning 
form carbon dioxide which is acidic. 

Carbon is a non-metal It is light as 
compared to metals like iron, copper and 
gold. It does not conduct heat or elect¬ 
ricity; graphite is a poor conductor but 
diamond is a non-couductor. 

3.4 Carbon dioxide 

Carbon dioxide is the product of the 
burning of carbon in any form. As already 
mentioned, it occurs in the air to some extent; 
this is due to combustion and decomposition 
of organic matter and respiration of animals. 

Carbon dioxide is a colourless gas and 
has no smell. It is 1.5 times heavier than 
air. One litre of carbon dioxide gas weighs 
1.98 g under ordinary conditions. It is 
fairly soluble in water and dissolves further 
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Fig. 28. The preparation of dry ice 


under pressure. The aqueous solution is 
called carbonic acid ; this is sour to taste and 
is used as soda-water. It turns blue litmus 
red. Carbon dioxide gas can be converted 
into liquid at ordinary temperatures but 
under pressure Liquid carbon dioxide is 
stored in steel cylinders. Solid carbon 
dioxide is also known and is called diy ice. 

Experiment 3 How to get carbon dioxide snow or 
dry ice 

Invert a steel cylinder containing liquid 
carbon dioxide under pressure as shown in 
Figure 28. Tie a small black woollen bag 
over the outlet valve, Open the valve for a 
few seconds to allow the liquid to rush into 
the bag. Note the dry ice deposited on the 
inside of the bag. 

Carbon dioxide is very useful. It is a 
non-supporter of combustion and extingui¬ 
shes fire. It is therefore used in fire extin¬ 
guishers It is also used industrially for the 
production of washing soda, and in the sugar 


industry and for aerating soft drinks. Dry 
ice is used for preserving perishables, for the 
manufacture and storage of ice-cream and in 
many other cases where low temperature is 
required. Carbon dioxide plays a very 
important part in nature; in the presence of 
sunlight and the green pigment chlorophyll 
plants convert it into glucose and starch. 

Carbon dioxide is industrially obtained as 
a by-product either in the manufacture of 
lime by roasting limestone, or during fer¬ 
mentation of sugars or starch for making 
alcohol 

In the laboratory, it is usually prepared 
by the action of hydrochloric acid on marble 
pieces in a Woulfe’s bottle as shown m Figure 
32a (page 25) or in Kipp’s apparatus which 
permits a regular supply of the gas, as and 
when it is required. Kipp’s apparatus is 
shown m Figure 29 



Fig 29. Kipp’s apparatus for supply of carbon 
dioxide 

Experiment 4 

Put some marble chips in the middle 
bulb of Kipp’s apparatus. Fi/ the 
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mouth of this bulb with a rubber 
stopper carrying a glass stopcock. Open the 
stopcock and pour dilute hydrochloric acid 
into the upper bulb until the acid 
just begins to touch the maible pieces 
Close the stopcock and pour more acid 
so that it fills a quarter of the upper 
bulb. The apparatus is now ready for the 
supply of the gas which can be obtained by 
opening the stopcock as and when it is 
required. Collect the gas in a few jars and 
note the following properties: 

i) The gas is colourless and odourless. 

11 ) It is heavier than air and can be collec¬ 
ted by the upward displacement of air 
as shown in Figure 30a. 

CARBON DIOXIDE A!R 
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Fig. 30a Carbon dioxide is heavier than an It 
can be collected by the upward displacement of air 

iii) It can be poured from one jar into 
another jar containing air as shown in 
Figure 30b. 

tv) It is soluble in water and the aqueous 
solution turns blue litmus red (See 
Figure 31.) 
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Fig. 31. Carbon dioxide is soluble in water 
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v) It turns lime water milky and the 
milkmess disappears when the gas is 
passed continuously. (See Figure 32a) 

HYDROCHLORIC 



Fig 32a. Caibou dioxide tains lime water milky. 


vi) It extinguishes a burning candle (See 
Figure 32b.) 



Fig. 32b. Carbon dioxide extinguishes a burning 
candle 

3.5 Sulphur 

Sulphur is also a non-metal occurring 
free in nature. Ordinary sulphur is a yellow 
solid forming rhombic crystals. (See Figure 


33.) It is insoluble in water but dissolves 
readily in organic solvents such as carbon 
disulphide and carbon tetrachloride. 



Fig. 33. Rhombic crystals of sulphur 


Experiment 5 

Put some powdered sulphur m water, 
carbon disulphide and carbon tetrachloride, 
taken separately in three test-tubes. Shake 
well and note that sulphur does not dissolve 
in water but it does in the other two liquids. 
Evaporate the solutions m watch-glasses. 
Notice the beautiful yellow crystals of sul¬ 
phur. 

Natural sulphur is found either under 
the earth’s crust, m deep beds, or on the 
surface in volcanic regions. It occurs in 
large quantities in the USA, Italy and 
Japan. The Italian sulphur deposits are 
found near the volcanoes in Sicily and form 
about 13 per cent of the world’s supply 
whereas in America sulphur is found at 
depths of about 1,000 feet in the earth near 
Texas and Louisiana which are the major 
centres for the world’s supply of sulphur. 

3.6 Production and purification 

Natural sulphur is extracted by ordinary 
mining operations if it lies on the surface; 
if it lies deep in sulphur beds, it is forced 
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out by means of a hot blast of air and super¬ 
heated water. It is about 99.5 per cent pure. 
It can be further refined by distillation and 
sublimation. Impure sulphur is heated m 
pots connected to a cool chamber The 
vapours are cooled in the chamber where 
sulphur foims a light yellow powder in the 
beginning. This powder is called flowers of 
sulphur. But after some time the chamber 
gets heated and the powder forms a liquid 
on the floor of the chamber. This molten 
sulphur is cast into ‘rolls’ called ‘ioll sulphur’ 

3.7 The importance of sulphur 

Sulphur is an important chemical sub¬ 
stance and is required for many industries. 
It is the source of the important sulphuric 
acid. It is used in the rubber industry foi 
vulcanization (hardening). Ebonite, which 
is used as an insulating material, is made by 
mixing sulphur with raw rubber. Sulphur 
is also used in making explosives like gun¬ 
powder, and a blue pigment called ultrama¬ 
rine, and solvents like carbon disulphide. 
It is used besides as a pesticide and in certain 
medicinal preparations. 

3.8 Forms of sulphur and its elemental 
character 

Sulphur, like carbon, exists in various 
forms, some crystalline and some amorphous 
All these when burnt in oxygen give only 
sulphur dioxide. One gram of any form 
gives the same amount of sulphur dioxide, 
i.e., 2 grams. 

These forms differ only in their physical 
properties and hence they are called allotropic 
modifications of the element sulphur. 

Ordinary sulphur is crystalline. It crystal¬ 
lizes from solvents like carbon disulphide 
and benzene m a rhombic shape as shown 
in Figure 33. When heated it melts, as 
many other crystalline solids do, at a fixed 
temperature called the melting point. The 
melting point of rhombic sulphur is 112.8°C. 
Its specific gravity is 2.07. 


Experiment 6 Preparation of monoclinic sulphur 

Melt some of the ordinary sulphur in a 
basin and then slowly cool it until a crust is 
formed on the surface. Pierce the crust 
with a needle and decant off the liquid portion. 
The remaning solid consists of dark yellow 
needle-like crystals of sulphur as shown in 
Figure 34. This is called fl -sulphur or 




Fig. 34. Monoclinic crystals of sulphui 

monoclimc sulphur. It melts at 119 2°C and 
has a specific gravity of 1.96. This form is 
stable only between 119.2°C and 95.5°C 
Below this temperature it again changes into 
rhombic sulphur. 

Experiment 7 Preparation of plastic sulphur 

Take some powdered roll sulphur in a 
small round-bottomed flask and heat it 
gently. Note that sulphur undergoes some 
very interesting changes when heated gradual¬ 
ly to its boiling point. It melts at 112.8°C 
into a yellow liquid. On further heating, it 
acquiies a reddish brown colour and at about 
250°C it becomes so viscous that it cannot 
be poured out of the flask. 

Above 300°C, the viscous sulphur be¬ 
comes mobile again and at 444.6°C it begins 
to boil, giving orange-yellow vapours. Note 
that boiling sulphur, when cooled slowly, 
undergoes the same changes in the reverse 
order. Now pour the boiling molten sul¬ 
phur in a thin stream into cold water over an 
inverted funnel in a beaker as shown in 



The celebrated swords of ancient Damascus 
were made of steel shipped from India. 



Sketch showing sulphur-well piping. (See page 25 ) 
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A view of the Sambhar Salt Lake. 

(See page 42 ) 


A petroleum well 


A petroleum refinery, 


Petroleum products. 
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Figure 35. Note that sulphur separates as a 
brown pasty mass in the form of elastic 



threads. This is plastic sulphur It is amor¬ 
phous sulphur and is insoluble in water as well 
as caibon disulphide. But it is also unstable 
and changes into the rhombic form if it is kept 
standing for a day When the vapours of 
boiling sulphur are cooled suddenly, they 
condense as floweis of sulphur. 

In its properties, sulphur, like carbon, 
is a typical non-metal. It is a non-conductor. 
It cannot be drawn into wires nor hammered 
into sheets like metals. It combines with 
metals like copper, iron and zinc forming 
compounds called sulphides. It burns in 
air or oxygen to give sulphur dioxide which 
is acidic and turns blue litmus red. When 
hydrogen is passed through boiling sulphur, 
an important gaseous compound called hydro¬ 
gen sulphide is produced. Sulphur combines 
with non-metals also but less vigorously 
than with metals. When strongly heated with 
coke, sulphur combines with carbon and 
produces an important solvent known as 
carbon disulphide. 

3.9 Sulphur dioxide 

Sulphur dioxide gas is formed when 
sulphur or some metallic sulphides like iron 
sulphide are burnt in air. It is produced 
industrially in this way. In the laboratory 


it is usually prepared by heating copper 
turnings with concentrated sulphuric acid 
as described in the following experiment 

Experiment 8 

Put some copper turnings m a 250 cc 
round-bottomed flask. Fit it with a thistle 
funnel and a delivery tube going into a gas- 
jar as shown in Figure 36. 

Pour concentrated sulphuric acid through 
the funnel into the flask. Heat the flask 
ovei a wire gauze. The reaction starts 
The copper decomposes the sulphuric acid 
giving sulphur dioxide. Collect the gas in 
jars by the upward displacement of air. 

Sulphur dioxide is more conveniently 
prepared in the laboratory by adding sul¬ 
phuric or hydrochloric acid to solid sodium 
sulphite as shown in Figure 37. 

Study the properties of the gas and note 
that: 

l) The gas is colourless and has a suffoca¬ 
ting odour. 

ii) The gas is heavier than air 

in) The gas is highly soluble in water and 
the resulting solution is acidic 

Experiment 9 The fountain experiment 

Collect dry sulphur dioxide in a flask' 
Fit the flask with a cork carrying a glass tube. 
Invert the flask with the glass tube dipping 
into water coloured with blue litmus as 
shown in Figure 38. Note after some time 
that the coloured water rushes into the flask 
like a fountain and turns red showing the 
acidic nature of the gas in the flask. 

iv) The gas does not burn. 

Experiment 10 

Plunge a glowing splinter of wood into 
a jar full of the gas The splinter is at once 
extinguished and the gas does not burn. 

v) The gas decolourizes acidified potassium 
permanganate solution when it is passed 
into the solution or when the solution 
is poured into a jar containing the gas. 
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Fig. 36. Laboratory preparation of sulphur dioxide from coppei and cone sulphuric acid 
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vi) The gas bleaches a moist piece of led 
flannel or a coloured flower, when they 
are put into the jar. 

Sulphur dioxide is a useful substance. It 
is used industrially to make sulphuric acid 
which is an important laboratory reagent 
and a source material for many chemical 
industries. 

Sulphur dioxide kills germs of many 
micro-organisms and is therefore used for 
fumigation to destroy fungi and bacteria. 
It is used as a preservative m the preparation 
of dried fruits like apricots and prunes A 
solution of sulphur dioxide in limewater is 
used to manufacture paper from wood. 
Sulphur dioxide is also used for bleaching 
straw, wool and silk. 

3.10 Hydrogen sulphide or sulphuretted 
hydrogen 

Hydrogen sulphide is a colourless gas 
with a very foul odour. It is, however, very 
useful in chemical analysis. One finds it com¬ 
monly in every chemistry laboratory and it is 
prepared in Kipp’s apparatus as shown m 
Figure 29 (see carbon dioxide). It is prepared 


in a Woulfe’s bottle as shown in Figure 23, 
by adding dilute acid (usually sulphuric acid) 
on iron sulphide The gas is collected by 
the upward displacement of air Note that 
the smell of the gas is unpleasant and like 
that of rotten eggs, and that the gas is poiso¬ 
nous too 

Hydrogen sulphide is a little heavier 
than air. It dissolves in water, and the 
aqueous solution is slightly acidic and reacts 
with alkalies to form sulphides. It also reacts 
with many metallic salts, giving coloured 
sulphides 

Experiment 11 

Pass hydrogen sulphide from Kipp’s 
apparatus into solutions of copper, lead, 
cadmium and antimony salts. Note the 
different colours formed (black, yellow and 
orange). 

Experiment 12 

Introduce a lighted taper into a jar of the 
gas. Note that the gas is inflammable and 
burns with a bluish flame. 

3.11 Phosphorus 

Phosphorus is another typical non-metal 
It does not occur free in nature because it is 
highly reactive. It is an impoitant and 
useful element and it exists in three forms. 
Ordinary phosphorus is usually a yellow 
solid but when pure it is colourless, and hence 
called white phosphorus. It resembles wax 
in appearance and is so soft that it can be 
easily cut with a kmfe. It melts at a low 
temperature, 44 2°C, and begins to boil at 
380.5°C and has a specific gravity of 1.82. 
At 40°C m the air it catches fire. It should 
therefore be kept out of contact with air. 
It is unaffected by water and hence is stored 
under water 

Phosphorus dissolves readily m carbon 
disulphide, benzene and olive oil. When 
heated in air, it combines with oxygen to 
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form phosphorus pentoxide which is acidic. 
In the air, at ordinary temperatures, it slowly 
reacts giving off a white light quite visible 
in the dark The phenomenon is called 
phosphorescence. 

Experiment 13 The phenomenon of phosphorescence 

Place some pieces of white phosphorus 
m glass wool in a flask fitted with glass tubes 
as shown in Figure 39. Allow a current of 



carbon dioxide to pass through the flask. 
Heat the flask in a water bath. Arrange 
the apparatus in a dark room. Note the 
production of a cold flame at the top of the 
glass tube. This is called phosphorescence. 

Caution White phosphorus is poisonous 
and causes death even in small doses 

When white phosphorus is heated for a 
long time out of contact with air at 250-300°C, 
it changes into a stable form called red phos¬ 
phorus. The same change also takes place 
slowly in the presence of light Red phos¬ 
phorus differs very much from white phos¬ 
phorus. Its specific gravity is 2.20. It is 
insoluble m carbon disulphide, does not 
exhibit phosphorescence and reacts with air 


only slowly. It is not so poisonous, and 
hence this variety of phosphorus is safe to 
handle. It burns m air at a comparatively 
higher temperature (260°C) and gives the 
same oxide (pentoxide), and in the same 
proportion, as white phosphorus does. Red 
phosphorus can also be converted into white 
phosphorus by heating to 500-600°C in the 
absence of air and cooling the vapours. 
When red phosphorus is heated at 350°C 
under pressure, it changes into another 
variety called black phosphorus which resem¬ 
bles graphite in appearance. Black phos¬ 
phorus ignites only at 490°C and is the densest 
form of phosphorus, with a specific gravity of 
2.70. 

Phosphorus thus exists in three allotropic 
modifications. It cannot be split into any 
simpler substance and is therefore an element 
possessing typical non-metalhc properties. 

3.12 Production of phosphorus 

Phosphorus occurs in nature in the 
combined state and is found quite widely m 
phosphate rocks (crude tricalcium phosphate). 
Bones are also particularly rich in phospho¬ 
rus, and it is therefore manufactured either 
from phosphate rock or from bones. The 
powdered material is mixed with sand and 
coke and heated in the absence of air in an 
electric furnace. Phosphorus leaves the 
furnace as a vapour and is condensed under 
water to white phosphorus. 

3.13 Uses of phosphorus 

Two important compounds are made 
from phosphorus. One is phosphorus pent¬ 
oxide, which has a great capacity to absorb 
water vapour and to remove water from 
other compounds; hence it is used in the 
laboratory for this purpose. The other 
compound is phosphoric acid which is made 
by dissolving phosphorus pentoxide in water, 
and which forms important salts called 
phosphates. Phosphorus is also used for 
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military purposes. When it burns, white hence it is used in the manufacture of smoke- 
phosphorus produces thick white smoke, screen shells 

SUMMARY 

Carbon is an element that is solid It shows allotropy and exists in more 
than one form, each form having the same chemical composition but 
different physical properties. Diamond and graphite are the crystalline forms 
whereas coke and charcoal are amorphous Carbon is a typical non-metal. 

On combustion, it gives carbon dioxide which plays an important role in nature 
through photosynthesis. 

Sulphur is an element that is solid It is yellow and dissolves m carbon 
disulphide. 

Sulphur is a typical non-metal. It exists in allotropic forms which are crystalline 
and also amorphous. 

Sulphur burns in air to produce sulphur dioxide, and combines with hydrogen 
to give hydrogen sulphide gas 

Sulphur is the source of sulphur dioxide and sulphuric acid. 

Phosphorus is an element. It is a solid and exists in several allotropic forms 
(white, red and black). White phosphorus is a combustible substance and is 
highly poisonous. It is preserved under water in stoppered bottles 

Phosphorus exhibits phosphorescence, i e., it glows in the dark. 

Phosphorus is a typical non-metal. 

When burnt in air or oxygen, phosphorus produces phosphorus pentoxide 
which dissolves in water to give phosphoric acid. 

Phosphorus is a constituent of bones. 

Non-metals combine with oxygen to form chemical compounds which are 
called oxides; these oxides dissolve in water to give compounds called acids 

REVISION QUESTIONS 

1 Name the various forms of carbon. How do they differ? 

2. What is meant by allotropy? Illustrate your answer with examples from 
carbon, sulphur and phosphorus. 

3. State the main uses of graphite, diamond, lampblack and coke. 

4. How would you show that the various forms of carbon are chemically identical? 

5. Name the gas which is produced when carbon is burnt in excess of air or oxygen 

6. Describe how carbon dioxide is prepared in the laboratory. 

7. Explain the importance of carbon dioxide in life. Why does it extinguish fire? 

8. Draw a neat sketch of Kipp’s apparatus and explain its use in the preparation y 
of carbon dioxide. 

9. State the characteristics of a non-metal. 

10. How do we say that sulphur is an element? State its important uses. 

11. Name the important allotropic forms of sulphur. How are they obtained? 

12. Name the gas which is produced when sulphur is burnt in air or oxygen. 
Describe its laboratory preparation. 
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13. What is hydrogen sulphide? How is it obtained in the laboratory? 

14 Explain why copper vessels and silver ware get tarnished in air. 

15. What happens when. 

i) Marble pieces are brought in contact with an acid. 

ii) Limestone is heated, 
lii) Coke is burnt 

iv) Carbon dioxide is passed into lime water. 

v) Sulphur is burnt m air or oxygen. 

vi) Copper turnings are heated with concentrated sulphuric acid, 
vn) Sodium sulphite is treated with hydrochloric acid 

viii) Hydrogen is bubbled into molten sulphur. 

ix) Sulphur dioxide is bubbled through an acidified solution of potassium 
permanganate. 

x) Hydrogen sulphide is bubbled through a solution of copper sulphate. 

16 Why do we say that phosphorus is a typical non-metal? 

17. Why do we keep phosphorus under water m stoppered bottles? 

18. Write a short note on the allotropy of phosphorus. 

19. How does phosphorus occur in Nature? How is it obtained? 

20. State the uses of phosphorus. 

21. Name the product which is produced when phosphorus is burnt in air or 
oxygen. State the uses of this product. 

22 How do white phosphorus and red phosphorus differ? 



CHAPTER 4 


Some Common Metals 


4.1 Characteristics of metals 

We have already studied the chemistry 
of some common elements which are called 
non-metals. Metals, which are also elements, 
have markedly different properties. A typi¬ 
cal example of a metal is gold, It is very 
heavy, has a bright lustre and conducts heat 
and electricity well. It can be drawn into 
very thin wires, and the property is known 
as ductility. It can also be hammered into 
very thm foils. This property is known as 
malleability. The above characteristics are 
generally possessed by all metals. 

Very often, when two or more metals are 
fused we get homogeneous substances called 
alloys, e.g., brass, bronze, stainless steel. An 
alloy of mercury is called an amalgam. 
Further, metals combine with oxygen and 
give rise to oxides which generally dissolve 
in acids forming salts. These oxides are 
called basic oxides, and are reduced to their 
metals by carbon. 

Experiment 1 

Heat a pure copper wire strongly in a 
Bunsen flame. Note that it turns black. 
Copper combines with oxygen of the air to 


form black oxide of copper. 

Put the oxidized copper wire in hydro¬ 
chloric acid in a beaker. Note that the 
black oxide dissolves, giving a green solution 
of the copper salt. 



Fig. 40. Displacement of copper by iron 



COPPER STRIP 


S/LUER NITRATE 
SOLUTION 

J/L HER DEPOSIT 


Fig. 41. Displacement of silver by copper 
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Many metals dissolve in acids to form 
salts. The noble metals are displaced by the 
baser metals, e.g., gold is displaced by zinc, 
copper by iron, and silver by copper (Figs. 
40 and 41). 

Experiment 2 Displacement of a metal in solution 
by another metal 

Put some copper sulphate solution in a 
beaker. Place an iron nail in the solution. 
Note after some time a red deposit of copper 
on the iron nail. This copper has been 
displaced from the solution. The iron goes 
into solution to form iron sulphate. (See 
Fig. 40) Iron is a baser metal as compared 
to copper, and is more reactive. 

The elementary chemistry of some com¬ 
mon metals is given below. 

4.2 Gold 

Gold has been known from very ancient 
times. It occurs free in several parts of the 
world but it is rare. It is not affected by air, 
water, alkalies, acids and fire. Because of 
this property, it is considered to be a precious 
metal; it lias been called a noble metal and 
has largely been used in jewellery and coinage. 

4.3 Occurrence and production of gold 

Native gold occurs in various parts of the 
world. Occasionally it is found as nuggets 
or lumps but generally it is present as small 
particles in quartz. In India, gold is found 
in Kolar (Mysore state). Alluvial deposits 
in some rivers, like the Swarm rekha, Brahma¬ 
putra and Indus also contain traces of 
gold. 

Gold is extracted either by the amalgama¬ 
tion process or the cyanide process 

l) Amalgamation process The fine sand or 
quartz containing gold in mixture is 
made into a paste with water. The 
paste is discharged on amalgamated 
copper plates. Gold particles form an 
amalgam with the mercury on the 


copper plates. The amalgam is scraped 
off and distilled. The mercury distils 
over and is collected Gold is left as a 
residue (See Experiment 4) However 
this method is becoming obsolet e. 
n) Cyanide process. The gold-bearing 
quartz or clay is powdered well, made 
into a sludge with water and passed 
over a sloping table. The heavier 
particles of gold are retained whilst 
most of the lighter impurities are washed 
off. The gold particles so collected are 
treated with a dilute solution of potas¬ 
sium cyanide, and exposed to the air 
for about 24 hours. The gold dissolves 
in potassium cyanide in the presence of 
air, and is precipitated from the filtered 
solution by adding fresh zinc shavings. 
It is then refined by electrolysis. 

Experiment 3 

Pass an electric current into a cell con¬ 
taining a solution of gold chloride dissolved 
in aqueous potassium cyanide (as electrolyte). 
An impure gold plate is used as the anode 
and a plate of pure gold is the cathode, as 
shown in Figure 42. Note that pure gold 
deposits on the cathode plate, and the plate 
increases in weight. 


SA T Y 



Fig 42 The electrolytic refining of gold 


Caution. Cyanide is extremely poisonous 
and should be washed off with plenty of 
water. 
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4,4 Properties of gold 

Gold is a yellow solid with a bright lustre. 
It possesses the physical properties which 
have already been described. It is a stable 
metal and resists corrosion remarkably. How¬ 
ever, it dissolves m aqua regia (a mixture of 
concentrated nitric acid and concentrated 
hydrochloric acid in the ratio of 1:3) to give 
gold chloride which is the most important 
salt of gold. It also dissolves in potassium or 
sodium cyanide solution in the presence of air. 
In mercury gold dissolves to form what is 
called gold amalgam. This amalgam when 
heated loses mercury, leaving gold behind 

Experiment 4 

Dip a gold wire in mercury. Note a silvery 
white coating on the wire. Heat it in a Bunsen 
flame, holding it with a pair of tongs. Note 
that the white coating disappears and the 
gold wire appears bright yellow as it was 
before. 

Caution. Mercury vapour is poisonous. 

Pure gold is soft but is hardened by the 
addition of other metals such as copper 
and silver. This hardened gold, called gold 
alloy, is used in making coins and jewellery. 

Gold oxide is prepared under special 
conditions, It is unstable to heat and de¬ 
composes into gold and oxygen This oxide 
dissolves m acids to form salts of gold and is 
therefore basic One such salt is gold chloride. 
Many useful substances are made from 
gold salts. One of them is the Purple of 
Cassius which is used for imparting a ruby-red 
colour to glass bangles and porcelain. 

Experiment 5 

Take some dilute solution of gold chloride 
in a test-tube Add some stannous chloride 
and some stannic chloride to it. Notice a 
deep purple precipitate This is known as the 
Purple of Cassius. 


4.5 Silver 

Silver is another well-known metal. It is 
also a precious metal, but not so noble as 
gold. It is tarnished by air and is affected by 
acids. It has been known from very ancient 
times and has been used for the same pur¬ 
poses as gold. , 

4.6 Occurrence and production of silver 

Silver is found native, that is in the free 
state, in Mexico and Norway. It also occurs 
in the form of its compounds, usually the 
chloride (horn silver) and the sulphide (argen- 
tite). It is produced by methods similar to 
those used in the production of gold, i.e , the 
amalgamation process and cyanide process. 
It is purified by electrolysis. 

4.7 Properties and uses of silver 

Pure silver is a heavy, white solid with a 
bright lustre. It is very ductile and malleable. 
It is the best conductor of heat and electricity. 
It is capable of taking a very high polish. It 
gets tarnished, that is, it turns black when 
exposed to air contaminated with hydrogen 
sulphide. This can be demonstrated by using 
a silver foil. It is not attacked by water, 
alkalies and most • acids. Nitric acid, 
however, dissolves it readily, forming silver 
nitrate which is the most important salt of 
silver. 

Silver is displaced from the solutions of 
its salts by zmc which is more reactive than 
silver. This property is used in producing 
silver from its salts. 

Experiment 6 Silver tree formation 

Take some solution of silver nitrate of 
moderate concentration in a beaker having a 
zinc rod fixed m a cork at the bottom, as 
shown in Figure 43. Notice after an hour a 
beautiful tree-hke growth of silver crystals 
round the rod. This is known as the silver 
tree. 
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Silver forms alloys and it dissolves m 
mercury to form silver amalgam. When this 
amalgam is heated, mercury distils off, leaving 
silver as a residue. Silver forms an oxide which 
is basic, but which decomposes on strong 
heating into silver and oxygen. 

Silver is used mainly for making orna¬ 
ments, silver ware and coins. Silver nitrate is 
used in silver-plating. 

Experiment 7 Silver-plating on copper or brass articles 

Take some silver nitrate solution, contain¬ 
ing excess of potassium cyanide, in an electro¬ 
lytic bath. This solution of potassium silver 
cyanide forms the electrolyte. The article to be 
plated is suspended in the electrolyte and 
forms the cathode. A plate of pure silver 
suspended in the bath forms the anode as 
shown in Figure 44, Turn on the electric 
current. Note that the article becomes plated 
with silver. 



Silver halides, obtained by reaction of 
silver nitrate with ammonium chloride and 
ammonium bromide, are used m photography. 

Experiment 8 

Take some silver nitrate solution in a test- 
tube. Add some ammonium bromide solution 
to it. Notice a yellowish-white precipitate of 
silver bromide. Keep a portion of the preci¬ 
pitate exposed to light. It turns dark grey. 
Treat the other portion with a solution of 
sodium thiosulphate, known as hypo. Note 
that the precipitate dissolves in hypo These 
properties of silver bromide make it useful 
in photography. 

4.8 Copper 

Copper is another common metal. It has 
been m use from very ancient times, when 
articles made of bronze, an alloy of copper 
and tin, were common 

4.9 Occurrence and production of copper 

Copper is found as free metal in America 
where it occurs in large quantities. Although 
it is also found in the form of its oxides and 
carbonates,' the commonest source is a sul¬ 
phide called copper pyrites. Copper metal can 
be obtained from its oxides and carbonates 
by heating with carbon (coke). The pyrites is 
more difficult to work and needs special 
treatment for the production of the metal 

The metal is purified electrolytically 

4.10 Properties and uses of copper 

Copper is a heavy, reddish metal with a 
bright lustre. It is very ductile and malleable 
and therefore very fine wires and foils 
are available. It is also a good con¬ 
ductor of heat and electricity It is 
less noble than gold and silver and 
hence gets more readily corroded in moist 
air, forming a greenish poisonous compound 
called verdigris. Copper, like silver, is resis- 
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tant to many chemicals. However, nitric acid 
and hot concentrated sulphuric acid dissolve 
the metal, giving the corresponding salts. 
Of these, copper sulphate is the most important 
and is described in Chapter 5. Copper is 
displaced from the solutions of its salts by 
iron, which is more reactive (See Experiment 
2), Copper forms two oxides, one black, 
which is more common, and the other 
red. These oxides are basic and dissolve 
in acids to form salts Copper also 
forms amalgam and alloys. Some important 
alloys are bronze (copper-|-tin), brass (copper 
4 -zinc) and german silver (copper -f zinc+ 
nickel). 

Copper is largely used in the electrical 
industry, in coinage and in the manufacture 
of stills. 

4.11 Tin 

Tin has been known from prehistoric 
times. The most important source of this 
metal is its oxide, called tinstone. The metal 
is obtained by reduction of the oxide with 
coke. 

4.12 Properties and uses of tin 

Tin is a silvery white metal with a brilliant 
lustre. It is soft and malleable, and tin 
foil is a common article. It is unaffected 
by air and water but it is dissolved 
by alkalies and acids, giving hydrogen and a 
salt. 

Tin burns in air or oxygen to form oxides 
which are basic These oxides dissolve in 
acids to form salts of which stannous chloride 
is the most important. Tin is displaced from 
the solution of its salts by iron. 

Experiment 9 

Put some iron wires in a concentrated 
solution of stannous chloride m a beaker. 
Note the white lustrous coating on the wires. 
These wires are used in making pins. 

Tin is a very useful metal. It is used for 


tin-plating copper and iron articles and for 
the manufacture of tin foil. It forms useful 
alloys such as bronze and soft solder (lead -|- 
tm). It dissolves in meicury to form an 
amalgam called tm amalgam. 

4.13 Lead 

Lead is not found free in nature. It is 
found chiefly as the sulphide called galena. 
The metal is obtained from this sulphide by 
roasting followed by reduction. 

4.14 Properties and uses of lead 

Lead is a heavy, lustrous, bluish-grey metal. 
It is soft and can be cut with a knife. It 
marks paper. It is ductile as well as malleable. 
It is a conductor of heat and electricity. It 
is resistant to the action of air and of many 
acids. It however dissolves readily in nitric 
acid to form lead nitrate which is the most 
important salt of lead. Lead acetate is another 
important salt. Lead forms a number of 
oxides which mostly dissolve in acids to form 
salts and are therefore basic. Lead salts are 
poisonous. Samples of lead are easily avai¬ 
lable and can be used for studying its 
properties. 

Lead is used for making pipes, sheaths 
for electric wires, plates for storage cells and 
chambers for use in the manufacture of sul¬ 
phuric acid. It forms some useful alloys and 
also an amalgam with mercury. Some of 
these alloys are type metal (lead+antimony+ 
tin) and soft solder (lead-f tin). 

4.15 Mercury 

Mercury is another metal that has been 
known from very ancient times. It is interest¬ 
ing to note that the ancient Hindus used 
mercury compounds for treatment of various 
diseases. 

The chief source of mercury is its sulphide 
which is called red cinnabar and is found in 
Spain. The metal is produced by roasting 
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cmnabar in air. The sulphide changes into the 
oxide which further decomposes into mercury 
and oxygen. 

4.16 Properties and uses of mercury 

Mercury is the only liquid metal known 
It is easily available for study. It is white 
and has a bright lustre. It is very heavy, 
with a specific gravity of 13.6 and is a good 
conductor of heat and electricity. Therefore 
it is used in instruments like the barometer, 
manometer and thermometer. The metal 
gives off vapours even at the ordinary tem¬ 
perature; these vapours are highly poisonous. 
Therefore it should not be kept in open 
containers. 

Experiment 10 

Take some mercury in a stoppered bottle. 
Suspend a gold leaf over the mercury in the 
bottle, as shown in Figure 45. Note that the 
gold leaf gradually turns white. This shows 
that mercury gives off vapours at ordinary 
temperatures, which dissolve in the gold leaf 
changing its colour from yellow to white 



Fig. 45. Mercury gives vapours 


Air, water and alkalies have no action on 
the metal. However, when heated in air to 
about 360°C, it combines with oxygen to 
form a red oxide of mercury called mercuric 
oxide. This oxide when heated much above 
this temperature decomposes into mercury 
and oxygen. The oxide also dissolves in 
acids to form salts, and is therefore basic. 


Hydrochloric acid and dilute sulphuiic acid 
have no action on mercury. Hot concentrated 
sulphuric acid and nitric acid dissolve the 
metal, forming the corresponding salts, (sul¬ 
phate and nitrate). Mercurous chloride, called 
calomel, and mercuiic chloride, known as 
conosive sublimate, are important salts of 
mercury and are used in medicine All the 
salts of mercury are poisonous and should 
be handled with care 

4.17 Aluminium 

Aluminium does not occur free, but is 
very widely distributed in the form of com¬ 
pounds. Ordinary clay, for example, consists 
of aluminium silicate The chief source of the 
metal, however, is its oxide, called bauxite 
The metal is produced when purified bauxite 
is decomposed by electricity; pure aluminium 
collects at the cathode. This method is 
used for its manufacture. 

4.18 Properties and uses of aluminium 

Aluminium is available m many forms. 
It is a white metal with a lustre. It is very 
light, highly malleable, and ductile. It is a 
good conductor of heat and electricity. 
It is resistant to the action of air and water. 
Aluminium powder decomposes water at 
100°C, giving off hydrogen. 

Aluminium dissolves in hydrochloric and 
sulphuric acids forming the corresponding 
salts (chloride and sulphate). It burns in 
oxygen to form its oxide, which dissolves in 
acids to form salts and is therefore basic. 
The most important salts of aluminium are 
aluminium chloride, aluminium sulphate and 
common alum. 

Aluminium has a large number of uses 
Cooking utensils of all types are made from 
it. Aluminium powder is used in the paint 
industry. Aluminium wire is used in the 
electrical industry. 

Aluminium forms some very useful alloys, 
the more important of which are magnalium 
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(magnesium-f aluminium), aluminium bronze 
( 90-98 per cent of bronze +2-10 per cent of 
aluminium) and duralumin (aluminium 4- 
copper+traces of magnesium and manganese). 
These alloys are used in making aeroplane 
and bicycle parts. 

4,19 Iron 

Iron is not found free in nature though 
nearly all meteorites contain free iron. It 
is usually found as its oxide, carbonate and 
sulphide. The chief source for making iron 
is the oxide called haematite. The metal is 
produced by heating the oxide mixed with 
limestone and coke m a furnace known 
as the blast furnace The molten iron is run 
into moulds made m sand. This variety 
of iron is known as pig iron or cast iron. 
It is brittle. It is converted by special 
methods into wrought iron, which is malle¬ 
able, and into steel, which is hard and strong. 
These three varieties differ in the amount of 
carbon they contain. Ordinary iron rusts in 
moist air. But now everyone is familiar with 
stainless steel which does not rust and is used 
for a large variety of purposes particularly 
for cooking. Stainless steel is produced by 


the addition of a certain percentage of 
chromium and nickel to steel. 

4.20 Properties and uses of iron 

Iron is commonly available in many forms. 
It is a greyish white metal. It is malle¬ 
able and ductile. This property however 
vanes with the content of carbon and other 
impurities. Iron is a conductor of heat and 
electricity. 

Heated iron combines with oxygen to form 
the oxide; this dissolves in acids to form salts, 
and is therefore basic The metal dissolves in 
hydrochloric and sulphuric acids forming 
the corresponding salts (chloride and sul¬ 
phate). Iron forms two types of salts, called 
ferrous and ferric salts. The most important 
of these are ferrous sulphate and ferric 
chloride which are used as laboratory re¬ 
agents. Iron is a very useful metal, and many 
industries are based on it. It is required for 
making all types of machinery, iron bars, 
girders and plates for various structures. 
Steel is used in making armour-plates for 
battleships and tanks. Stainless steel is used 
for making all types of vessels. High quality 
cutlery is also made from it. 


SUMMARY 

Metals are elements. They form oxides which are basic. 

Mercury is the only liquid metal. Other metals are solids. 

Gold is one of the noblest metals. It remains unaffected by ordinary acids 
and alkalies. However, it dissolves m aqua regia and also in potassium cyanide 
m the presence of air Other metals dissolve in mineral acids. 

Metals are generally malleable and ductile, i.e., they can be hammered into 
sheets or foils and drawn into wires. They are conductors of heat and electricity 
and are generally heavy. Silver is the best conductor and copper comes next. 

Metals react with acids to form salts. 

Metals, when heated in air or oxygen, produce oxides. 

Iron is used in three forms: cast or pig iron, wrought iron and steel. 

Silver, mercury, tin and aluminium are white. 

Gold is yellow Copper is red. Lead is bluish grey. Iron is greyish white. 

An alloy is a homogeneous mixture of two or more metals. 

Alloys are more useful than pure metals. 
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An amalgam is an alloy of a metal with mercury. 

The science of extracting metals from their natural sources is called metallurgy. 
REVISION QUESTIONS 

1. What are metals? How do they differ from non-metals? 

2. Give the names of some common metals. What do they look like? State 
some characteristic properties of metals. 

3. Why are silver and gold called the noble metals? 

4. State the properties and uses of mercury. 

5. Name some common metals which are found native, i.e., as free elements 
in Nature. 

6. Name some metals that do not occur free but are found in the combined 
state. 

7. Name the commercial varieties of iron. How do they differ? 

8. What do you observe when: 

a. Zinc is placed in a solution of silver nitrate. 

b. Goldis dipped in mercury, and afterwards heated. 

c. A metal wire is connected at its ends to a battery. 



CHAPTER 5 


Some Common Salts 


5,1 What are salts? 

Chemical compounds are formed by the 
combination of two or more chemical ele¬ 
ments. Some of these elements like sodium, 
potassium and calcium combine with oxygen 
to form sodium oxide, potassium oxide and 
calcium oxide. Calcium oxide, also called 
lime, can be taken as a typical example. 
These oxides are basic in nature and dissolve 
in water, giving sodium hydroxide, potassium 
hydroxide and calcium hydroxide. The aque¬ 
ous solutions turn red litmus blue. These 
substances are called bases or alkalies. 

On the other hand, elements like nitrogen, 
sulphur, carbon and phosphorus react with 
oxygen to give nitrogen pentoxide, sulphur 
dioxide, carbon dioxide and phosphorus 
pentoxide which can be taken as a typical 
example. These oxides have acidic properties. 
They dissolve in water, giving, respectively, 
nitric acid, sulphurous acid, carbonic acid 
and phosphoric acid. Their aqueous solutions 
turn blue litmus red. Another important acid 


In this chapter symbols and formulae are intro¬ 
duced only for convenience; their full significance 
and use are discussed in Chapter 7. 


is hydrochloric acid; it is formed by combining 
hydrogen with chlorine and dissolving the 
resulting gas in water. 

Thus there are two kinds of chemical 
compounds, viz., bases or alkalies like sodium 
hydroxide, potassium hydroxide and calcium 
hydroxide, and adds like nitric acid, sul¬ 
phurous acid, carbonic acid, phosphoric acid 
and hydrochloric acid. When a base reacts 
With an acid, a third kind of chemical com¬ 
pound is formed and this is known as a salt. 
The reaction is called the process of neutrali¬ 
zation. 

Experiment 1 Neutralization and formation of salts 

Take about 10 cc of sodium hydroxide 
solution in a beaker. Pour some dilute hydro¬ 
chloric acid solution in a burette fixed verti¬ 
cally as shown in Figure 46. Put two drops 
of red litmus solution in the beaker. Note 
that the red colour changes to blue. Now add 
the acid from the burette, drop by drop, 
until the blue colour just changes to red. 
The base is now said to be neutralized by the 
acid. The resulting solution, when evaporated 
to dryness, gives a residue of common salt. 
Dissolve this residue in water, Note that the 
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solution does not affect the litmus. Salt is 
therefore neutral to litmus. 

A large number of salts are known to 
occur in nature, and these are very important 
in many ways. These salts are chlorides, sul¬ 
phates, nitrates and carbonates of various 
metals. 

Some Common Typical Salts 

5.2 Common salt or sodium chloride (NaCl) 

Common salt occurs widely in nature. It 
is present in sea water in large amounts and 
in river water, in negligible quantities. In 
India, the Sambhar Lake in Rajasthan con¬ 
tains considerable amounts of common salt, 
and is one of its chief sources. Common salt 
also occurs in the earth as a mineral, it is 
then known as rock-salt. There is a large 
salt mine at Khewra in West Pakistan and a 
smaller one at Mandi in Himachal Pradesh. 

Common salt is mostly obtained from sea 
water by evaporation. Rock-salt is obtained 
from salt mines by blasting and breaking the 
big lumps In case of an underground salt 
deposit, it is usually dissolved by forcing 
water into the layers of salt. The solution, 


called brine, is pumped out and evaporated 
to get the salt. 

Solar salt is produced by evapoiatmg 
sea water or brine on rocky or clay beds 
called pans. Salt crystallizes out of the con¬ 
centrated brine. It is collected and dried; 
this is crude common salt. The crude salt is 
purified by special methods, which are dis¬ 
cussed later. 

5.3 Properties and uses of sodium chloride 

Pure common salt is a white crystalline 
solid and is soluble in water. 

Experiment 2 

Heat some sodium chloride in a test-tube. 
Note that a crackling noise is produced due 
to the breaking up of the crystals. This pheno¬ 
menon is knwon as decrepitation. The salt is 
not decomposed by heat. 

Experiment 3 

Assemble apparatus as shown in Figure 
47. It consists of a battery, a small electric 
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Fig 47 Ionization and conductivity 


bulb, and a beaker containing a solution of 
sodium chloride, with a key in the circuit. 
Turn on the current Note that the electric 
bulb glows indicating that electric current is 
passing through the solution. Substances 
like common salt which, m solution (or 
sometimes in the fused state) conduct an 
electric current, are known as electrolytes. 
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Why does sodium chloride solution con¬ 
duct electric current? Sodium chloride con¬ 
sists of two parts which are known as ‘ions’. 
One part is the sodium ion (Na + ), which 
has a positive electrical charge, and the other 
is the chloride ion (Cl - ), which has negative 
electrical charge These two ions are held 
together by forces of attraction between 
opposite electrical charges. When the salt is 
dissolved in water, the forces of attraction 
are broken and the ions are separated. These 
ions in the solution conduct the current. 
Many salts behave like this. 

Sodium chloride is an electrolyte. Many 
other salts have this property. 

Experiment 4 

Take some sodium chloride in a test-tube. 
Add some concentrated sulphuric acid to it 
and warm the mixture. Note that a colourless, 
pungent gas is liberated. This is hydrogen 
chloitde and it is an acidic gas. It turns moist 
blue litmus paper red. 

All acids tarn blue litmus red. Alkalies 
turn led litmus blue. Common salt is neutral 
to litmus. 

Experiment 5 

Dissolve some common salt in distilled 
water in a test-tube. Add some silver nitrate 
solution to it. Note that a white precipitate 
of silver chloride is formed. 

sodium chloride -+■ silver nitrate-vsilver 
chloride (white precipitate)-]-sodium 
nitrate 

The sodium nitrate remains in solution. 
This is a specific reaction or test for the pre¬ 
sence of the chloride ion (Cl - ). 

Experiment 6 

Moisten a little sodium chloride with pure 
concentrated hydrochloric acid in a watch- 
glass. Dip a clean platinum wirp into it and 
introduce it into a non-lummous Bunsen 
flame. Note the colour of the flame. It is 


intense yellow This is the flame test charac¬ 
teristic of sodium and all salts of sodium. 
Similar flame colourations are given by salts 
of some other metals also, each metal giving 
a different colour. 

Common salt is used widely in the pre- 
paiation of food. Enormous quantities are 
used also for the manufacture of other 
chemicals, baking and washing soda, caustic 
soda, chlorine and hydrochloric acid. It is 
also required m large quantities in several 
other industries like leather and food. 

5.4 Potassium nitrate (saltpetre or nitre) 

This is another important salt. The mole¬ 
cule of potassium nitrate consists of the posi¬ 
tive potassium ion and the negative nitrate 
ion. 

Nitre appears as a white efflorescent solid 
on certain soils. It is collected and dissolved 
in water, and pure nitre is obtained by crystal¬ 
lization from the filtered solution. But at 
present nitre is more commonly produced 
by mixing solutions of sodium nitrate, which 
is commercially called Chile saltpetre, and 
potassium chloride, dissolved in proper pro¬ 
portions, and their subsequent fractional 
crystallization. 

sodium mtrate+potassium chloride-> 
potassium nitrate-(-sodium chloride 

The sodium chloride formed separates 
out first, and then nitre crystallizes. This can 
be easily carried out in the laboratory. 

5.5 Properties and uses of potassium nitrate 

Potassium nitrate or nitre is a white, 
crystalline solid and is soluble in water. The 
solution is neutral to litmus and conducts 
electric current. It is therefore an electrolyte. 

Experiment 7 

Heat some nitre strongly m a test-tube. 
Note that it decomposes giving out oxygen 
gas, which supports combustion and can be 
tested with the help of a glowing splinter. 
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Experiment 8 This reaction is used m making quicklime 

Take some nitre in a test-tube. Add some by heating limestone in limekilns, 
concentrated sulphuric acid to it. Warm the Calcium oxide dissolves in water, and the 


mixture. Note that a reddish brown gas is 
evolved. The addition of a few copper turn¬ 
ings increases the amount of gas. This gas is 
known as nitrogen dioxide (NOJ. 

Experiment 9 

Perform the flame test with nitre as in the 
case of common salt. Note that the flame 
shows a pmk (lavender) colour. This is charac¬ 
teristic of all salts of potassium. 

Nitre is used in the manufactuie of gun¬ 
powder and fireworks, flint glass, and nitric 
acid. It is also employed as a fertilizer for 
wheat and tobacco crops. 

5.6 Calcium carbonate, marble, limestone, 
chalk (CaCOg) 

Calcium carbonate occurs in Nature in 
many forms, such as marble, limestone and 
chalk. A transparent crystalline variety known 
as ‘Iceland spar’ is also found. It occurs in 
sea shells, pearls and egg-shells. 

Calcium carbonate is obtained as a white 
precipitate by passing carbon dioxide gas 
into hot lime solution 

calcium hydroxide ■+■ carbon dioxide -* 
calcium carbonated-water 

5.7 Properties and uses of calcium carbonate 

Calcium carbonate is a white solid and 
unlike common salt is insoluble in water. The 
flame test shows a brick-red colour which is 
characteristic of all calcium salts. 

Experiment 10 

Heat strongly some calcium carbonate in 
a test-tube. Note that it decomposes giving 
carbon dioxide gas while a residue of calcium 
oxide remains. 

calcium carbonated-calcium oxide-j-carbon 

dioxide 


solution turns red litmus blue, indicating that 
it is an alkali. 

Experiment 11 

Take some calcium carbonate in a test- 
tube. Add some dilute hydrochloric acid to it. 
Note that there is effervescence due to the 
evolution of carbon dioxide gas, and a solu¬ 
tion of calcium chloride is formed. 

Marble is considered to be the best 
material for sculpture and statues Limestone 
is used for the manufacture of quicklime, 
slaked lime, mortar and cement, which are 
essential for construction purposes. 

5.8 Copper sulphate (CuS0 4 .5H g 0) 

Copper sulphate does not occur in Nature 
but it is easily obtained when copper or its 
black oxide is dissolved in hot concentrated 
sulphuric acid 

copper (or black oxide)+sulphuric acid-* 
copper sulphate-(-water 

5.9 Properties and uses of copper sulphate 

Unlike the salts described so far, copper 
sulphate is a blue, crystalline solid, soluble 
m water. 

Experiment 1Z 

Heat strongly some crystals of copper 
sulphate in a hard-glass test-tube fitted as 
shown in Figure 48. Note that water 
escapes as steam, and is also collected in the 
beaker. The salt loses its blue colour and 
finally anhydrous copper sulphate remains 
as a white powder. Cool the test-tube and 
add a little water to it. Note that the blue 
colour is regained, and by adding more 
water, a blue solution is formed. 



SOME COMMON SALTS 


45 



Fig, 48. Dehydration of copper sulphate crystals 


Copper sulphate contains water in its 
crystals and is called a hydrated salt. The 
water is known as the water of crystallization. 

The blue colour of copper sulphate 
crystals is due to the positive cupric ion 
(Cu++) when hydrated. 

Experiment 13 

Place a zinc rod m a solution of copper 
sulphate in a beaker. Note that the copper 
is displaced from the solution and forms a 
reddish brown deposit on the zinc rod. 
Copper is also displaced by iron (See Experi¬ 
ment 2, Chapter 4). 

Experiment 14 

Perform the flame test with copper sul¬ 
phate The flame shows a green colour. 
This is characteristic of all copper salts 

Experiment 15 

Dissolve some copper sulphate in water 
in a test-tube. Add some barium chloride 
solution to it. Note a white precipitate 
which does not dissolve in acids. The 
precipitate is barium sulphate, and this is a 
test for all sulphates soluble in water. 

Copper sulphate is used in copper-plating 
and as a mordant in dyeing and calico- 
printing. It is also used as a germicide and 
fungicide. Mixed with lime and water 
(Bordeaux mixture) it is used as plant spray. 


5.10 Gypsum, calcium sulphate (CaS0 4 .2H 2 0) 

Gypsum occurs in Nature in large quanti¬ 
ties. Selenite and alabaster are its crystal¬ 
line varieties. Calcium sulphate can be 
obtained by treating limestone with dilute 
sulphuric acid. 

calcium carbonate -j- sulphuric acid-> 

calcium sulphate-}-water 4 -carbon dioxide 

5.11 Properties and uses of gypsum 

Gypsum is a white, crystalline solid, 
slightly soluble in water. 

Experiment 16 

Heat some pieces of gypsum in a test- 
tube to about 120°C. Note that some water 
escapes out of it, and a white powder is left 
as a residue. Mix this powder with some 
water. Note that it sets. This powder is 
known as Plaster of Paris. 

Repeat the above experiment. Heat 
gypsum above 200°C. Note that now it 
does not set in the presence of water. Strong 
heating , thus, deprives the plaster of Paris 
of its setting power. Gypsum in this condi¬ 
tion is said to be dead burnt. 

Gypsum can be reduced by heating it 
with carbon to calcium sulphide which gives 
hydrogen sulphide when treated with an acid 

Experiment 17 

Heat strongly some powdered gypsum 
mixed with charcoal powder in a hard-glass 
test-tube Treat the heated mixture with 
hydrochloric acid. Note that a gas with an 
unpleasant odour is evolved. This gas is 
hydrogen sulphide. 

Gypsum is used in the manufacture of 
ammonium sulphate, a valuable fertilizer 
It is much used in the manufacture of cement 
and wall plaster. It is also employed for 
filling or glazing paper and for making 
crayons (called chalk pencils ) and pastel 
colours. It is used in making Plaster of Paris 
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lequired for casting figures, toys and orna¬ 
ments, and also in surgical bandaging. 
Alabaster, a variety of gypsum, is used in the 
manufacture of cups, sauceis and bowls. 

5.12 Ammonium chloride (NH 4 C1) 

Ammonium chloride is another impor¬ 
tant salt which is commonly known and 
used. It is purified by sublimation In the 
laboratory, it is formed when ammonia 
is passed into hydrochloric acid 

ammonia + hydrogen chloride -> 
ammonium chloride 

5.13 Properties and uses of ammonium chloride 

Pure ammonium chloride is a white, crystal¬ 
line solid, readily soluble in water When 
it is dissolving in water, it produces cooling. 
When heated, it sublimes. 

Experiment 18 

Heat gently some common salt and 
ammonium chloride in a porcelain basin 
covered over with a funnel as shown in 
Figure 49. Note that ammonium chloride 
volatilizes and is deposited on the wall 
of the funnel. The phenomenon is known 
as sublimation, and is used m separating a 
mixture of ammonium chloride and common 
salt. Common salt is non-volatile and does 
not vaporize whereas ammonium chloride 
sublimes. When heated strongly, ammonium 
chloride dissociates into ammonia and 
hydrogen chloride 



Fig 49 Sublimation (separation of common salt 
and ammonium chloride) 

Experiment 19 

Heat some ammonium chloride with 
caustic soda solution or slaked lime m a test- 
tube. Note that a pungent gas is evolved. 
Introduce a glass rod dipped in hydrochloric 
acid and note the white fumes. The gas 
turns red litmus blue. This gas is known as 
ammonia gas It is lighter than air and can 
therefore be collected by the downward 
displacement of air. 

Ammonium chloride is used in soldering 
and tinning utensils, and m Leclanche and 
dry cells used for producing electricity. It 
is also used m medicine, dyeing and calico 
printing. It is an important laboratory 
reagent. 


SUMMARY 

Acids, bases and salts are three different classes of compounds. 

A salt is produced when an acid reacts with a base. 

.The reaction is called neutralization. 

Salts are generally colourless, but many are coloured also. 

Salts are electrolytes; so are acids and bases. 

An electrolyte is a substance which in solution produces electrically charged 
particles called ions, and conducts electric current. Negative ions are called 
anions and positive ions are called cations. 
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Salts impart colour to a non-luminous Bunsen flame. The colour is characteris¬ 
tic of their cations. 

Decrepitation is a phenomenon in which the crystals of a saLl break up with a 
cracking sound on heating. 

Water of crystallization is the water present in the crystals of a substance in 
the combined state. Salts containing water of crystallization are called hydrated 
salts. 

Same salts when heated volatilize without melting and again deposit as solid 
on cooling. This process or phenomenon is known as sublimation. 

A hydrated salt, when exposed to air, may lose part of its water of crystalliza¬ 
tion and turn into powder. Such a salt is called an efflorescent salt and the 
phenomenon is known as efflorescence. 

REVISION QUESTIONS 

1. What are a base, an acid and a salt? Give three examples in each case. 

2. What is meant by saying that salt is an electrolyte? 

3. What are cations and anions? Illustrate with examples. 

4. What are the main sources of common salt? State uses. 

5. Describe three properties of common salt. 

6. State briefly how nitre is obtained. Mention its uses and describe three of 
its properties 

7. What is marble? Flow does it differ from limestone and chalk? 

8. What happens when: 

i) Marble is heated. 

ii) Powdered marble is treated with hydrochloric acid? 

9. State the important uses of marble, limestone and chalk. Name the gas 
which is produced when any one of them is heated or mixed with hydrochloric 
acid. 

10. How is copper sulphate obtained? State its important uses. Explain why 
blue crystals of copper sulphate becomes white on heating. 

11. What happens when: 

i) Crystals of copper sulphate are heated in a test-tube. 

ii) An iron nail and a zinc rod are placed in copper sulphate solution in two 
separate beakers. 

12. What is gypsum? Name its other varieties. State the important uses of the 
various varieties of gypsum 

13. What product is formed when gypsum is heated to 120°C? State the uses 
to which this product is put. 

14. What happens when: 

i) Gypsum is heated with coke or charcoal powder. 

ii) Gypsum is heated to 120°C. 

iii) Heated gypsum is treated with water? 

15. What is ammonium chloride? How is it obtained? State its important uses 

16. Why do you say that ammonium chloride is a salt 7 How would you separate 
a mixture of ammonium chloride and common salt? 
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17. What happens when: 

i) Ammonium chloride is heated, 
u) Ammonium chloride is heated with caustic soda, 
ni) Ammonium chloride in solution is mixed with silver nitrate. 
iv) The gas obtained by heating ammonium chloride mixed with caustic soda 
is passed into hydrochloric acid. 

18. How will you show that a salt is formed when a base reacts with an acid? 





CHAPTER 6 


Organic Materials 


6.1 Organic compounds 

So far, we have studied matter which is 
moiganic in nature and belongs to the mineral 
kingdom. But there exists organic matter 
also, which is equally, probably more, 
important and belongs to the plant and 
animal kingdom. All organic compounds 
contain carbon as an essential element, most 
of them contain hydrogen, and many contain 
nitrogen and oxygen also They are very 
large m number. Already more than one 
million compounds are known and the 
number is increasing at the rate of about 
five per cent each year. 

Organic compounds are present in nature 
in the various living cells—in plants, 
animals and human beings. Hence the 
chemistry of such compounds is in many 
cases associated with the phenomenon of 
life. Most of the natural organic compounds 
have been prepared in the laboratory also. 
Besides, there are a number of organic 
compounds which do not occur m nature 
but have been obtained as purely laboratory 
products from easily accessible raw materials, 
Two such raw materials are coal and petio- 
leum oil on which the organic chemicals 


industry is mainly based. 

6.2 Importance of organic compounds 

Organic compounds are of vital impor¬ 
tance to us. It has been said that the basic 
needs of man are food, clothing and shelter, 
and all these needs aie met by organic 
compounds. Thus, nearly 100 per cent of 
our food is organic; all the textile fibres, 
from cotton, wool and silk to modern fibres 
like nylon, terylene and rayon are organic; 
wood, an important material m the construc¬ 
tion of buildings, is also organic. Again, 
man requires vitamins for maintaining good 
health and drugs for curing diseases; both 
vitamins and drugs are also organic 

6.3 Characteristics of organic compounds 

In their properties organic compounds 
differ considerably from moiganic ones. 
Some important differences are : 

l) Organic compounds are either low- 
melting solids, or liquids or gases. 
Inorganic compounds, on the other 
hand, generally melt at higher tempe¬ 
ratures. 
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n) All organic compounds on combustion 
or on burning produce carbon di¬ 
oxide, water and other gases, and leave 
no residue, but inorganic compounds 
generally do not burn, 
lii) Organic compounds are usually not 
soluble in water, but ate generally 
soluble in organic liquids like alcohol, 
benzene, ether and petrol. The be¬ 
haviour of inorganic compounds is 
generally the reverse of this. 

Experiment 1 

Ignite a little turpentine oil in an open 
jar. Note that the oil burns without leaving 
any residue. Test the gas in the jar with fresh 
lime water. Note that the lime water turns 
milky, showing that the gas is carbon dioxide. 

Experiment 2 

Shake some oil with water and with 
benzene separately in test-tubes. Note that 
the oil dissolves in benzene but not in water. 

We shall now discuss some common 
organic materials, which are important and 
which we use in our daily life. 

6.4 Petrol or gasoline 

Petrol or gasoline is obtained from natural 
petroleum which is pumped out of the earth 
in certain areas. Petroleum is a mixture of 
a number of substances which can be sepa¬ 
rated by distillation A large number of 
organic materials are thus obtained. Petrol 
or gasoline is one of the lighter or more 
volatile products 

6.5 Properties and uses of petrol 

Petrol is a colourless liquid with no 
definite boiling point. It distils over a 
range of temperature showing that it is a 
mixture. It is lighter than water and is 
immiscible with it. It is readily inflammable. 


Experiment 3 

Mix water with a little petrol in a gas- 
jar. Note that petrol floats on water. Ignite 
the mixture by means of a burning taper. 
Note that petrol burns on water in the jar, 
as shown in Figure 50 and gives a smoky 
flame indicating the presence of carbon. 



Fig 50. Petiol is immiscible in water and 
is inflammable. 

Petrol is a mixture of compounds of 
carbon and hydrogen. These compounds are 
known as hydrocarbons and form a class with 
characteristic pioperties. Petrol is an im¬ 
portant motor fuel. It dissolves greasy 
substances and is therefore used for dry 
cleaning clothes. 

6.6 Benzene 

Benzene is obtained from coal-tar (a 
product of coal by distillation). It is a 
compound of carbon and hydrogen only 
and is the most abundant of the coal-tar 
hydrocarbons. These hydrocarbons are 
called aromatic hydrocarbons and they are 
different from aliphatic hydrocarbons which 
are obtained from petroleum. 

6.7 Properties and uses of benzene 

Pure benzene is a colourless liquid and 
boils at about 80°C. It is insoluble in water. 
It is inflammable and burns with a smoky 
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flame, showing the presence of a high per¬ 
centage of carbon. 

Experiment 4 

Dip a glass rod in benzene and bring it 
to a Bnnsen flame. Note that it burns 
with a sooty flame. 

Benzene dissolves greasy materials, rubber 
and resins and is therefore used as a solvent 
for such materials. It is used for dry clean¬ 
ing clothes. It is also used in making other 
valuable organic chemicals. 

6.8 Naphthalene 

Naphthalene is another compound of 
carbon and hydrogen only. It is therefore 
a hydrocarbon. 

6.9 Properties and uses of naphthalene 

Naphthalene is a crystalline solid. It 
forms large, white, shining plates melting at 
80°C. It is insoluble in water but dissolves 
in organic liquids like benzene. 

Naphthalene burns with an intensely 
luminous flame, depositing much soot, and is 
therefore added to coal gas to enhance its 
illuminating power. It is a moth repellant 
and is used for that purpose in the form of 
balls called naphthalene balls. Naphthalene 
is also used for the synthesis of dye-stuffs. 

6.10 Rubber 

Rubber is obtained from natural sources 
as well as by artificial methods. Natural 
rubber is obtained by coagulating the milky 
fluid (called latex) obtained from the rubber 
tree. It is a polymer and consists of units 
of isoprene which is a hydrocarbon. Arti¬ 
ficial or synthetic rubber is made by the union 
of smaller hydrocarbons. The process is 
known as polymerization. 

Synthetic rubber is sold under various 
names such as Buna N, Buna S, and Neo¬ 
prene. These rubbers have different grades 
of elasticity and possess special qualities. 


The elasticity and flexibility of natural 
lubber are modified by a process called 
vulcanization developed by Charles Goodyear. 
This process consists in heating raw rubber 
with sulphur, and makes rubber hard 
enough to withstand wear and tear. 

6.11 Properties and uses of rubber 

Natural rubber is a yellowish-white solid. 
Raw rubber dissolves m benzene and some 
other organic liquids also. Synthetic rubber 
is insoluble in petrol and when ignited, it 
burns with a smoky flame. 

Vulcanized rubber is used for making 
various articles, especially atitomobile tyres. 

6.12 Alcohol 

In chemistry, alcohol is called ethyl alcohol 
or ethanol. It is a hydroxy derivative of 
ethane. It is a compound of carbon, hydrogen 
and oxygen only. It is generally made by 
fermentation of starch and sugar. 

6.13 Properties and uses of alcohol 

When pure, alcohol is a colourless liquid 
boiling at a definite temperature (78.5°C) 
which is its boihng point. It is inflammable 
and burns with a non-smoky flame. It is 
miscible with water. It is used in the 
form of the various wines and liquors, 
which are just alcohol of different dilutions, 
admixed with some sweetening and flavounng 
agents. Alcohol also finds great use as a 
solvent in the laboratory and m the pharmacy. 
It is used for burning in spirit lamps, but for 
this purpose an impure quality of alcohol 
is used; this quality is called methylated 
spirit. Alcohol is also required for making 
many useful organic materials. Another use 
of alcohol lies m the preparation of flavouring 
agents for food, called essences. 

Experiment 5 

Take about 5 cc of alcohol in a test-tube. 

Add to it a few drops of concentrated 

Infs 
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sulphuric acid, Shake and add about 5 cc 
of glacial acetic acid. Shake and warm. 
Pour the contents of the tube into water in a 
beaker. Note a sweet fruity odour of apples 
This is due to the formation of volatile ethyl 
acetate which is called an ester. 

6.14 Glycerine 

In chemistry, glycerine is called glycerol. 
It is also an alcohol and has three hydroxyl 
groups. It is present in fats and oils in 
combination with certain acids called fatty 
acids It is prepared from fats and oils and 
is also synthesized from certain hydrocar¬ 
bons It is a compound of carbon, hydro¬ 
gen and oxygen only. 

6.15 Properties and uses of glycerine 

Glycerine is a colourless syiupy liquid, 
heavier than water. It is miscible with 
water and alcohol. It is sweet to taste and 
hence is used as a sweetening agent. It is 
highly hygroscopic, i e. it absorbs moisture 
when exposed to air. 

It burns slowly with a non-smoky flame. 
An important use of glycerine is in the 
preparation of nitroglycerine, which explodes 
when detonated and is therefore used in the 
manufacture of dynamite. 

6.16 Vinegar 

Vinegar is chemically dilute acetic acid 
(4-8 per cent). It is made by fermentation of 
alcoholic liquors Alcohol is oxidized to acetic 
acid which forms vinegar Vinegar is used 
■ in cold countries as a souring agent in food¬ 
stuffs, 

6.17 Indigo 

Indigo is a blue dye manufactured from 
an Indian plant called Indigofera tinctorm. 
Now it is synthetically prepared on a 
large scale, starting from naphthalene. It is 
a compound of carbon, hydiogen, oxygen 
and nitrogen. 


Indigo is a dark blue powder insoluble in 
water and is a very fast dye. However, a 
special method has to be used for dyeing 
with indigo. This method is demonstrated 
m the following experiment 

Experiment 6 

Take about 0.5 g of indigo. Treat it 
with alkaline sodium liydrosulphite solution 
in a basin. Note that the blue colour of 
indigo disappears on account of the reduction 
of indigo to leuco-indigo (colourless). Soak 
a piece of cotton cloth in this solution and 
expose it to aii. Note that the bine colour of 
indigo is gradually restored and the cloth 
is dyed a fast blue. 

6.18 Sugar 

The chemical name for sugai is suciose. 
It is also known as cane sugar. It is extiacted 
from the juice of sugar-cane by crystalliza¬ 
tion after purification of the juice. The 
mother liquor left after crystallization of 
sugar from the syrup is called molasses and 
is used foi making alcohol. Cane-sugar 
is a compound of carbon, hydrogen and 
oxygen only. It is a colourless crystalline 
solid and is the purest and cheapest organic 
substance commercially available. It is 
soluble m water but insoluble m organic 
solvents. It has a very sweet taste and is 
therefore used for sweetening food It gets 
dehydrated and charred by concentrated 
sulphuric acid. 

Experiment 7 

Put a few ciystals of sugar-candy in 
concentrated sulphuric acid in a beaker. 
Note that the colourless crystals get charred 
and change into a black mass. 

Repeat the expemnent as follows; 

Take 10 cc of a saturated solution of cane 
sugar in a tall beaker. Add the same volume 
of concentrated sulphuric acid to it gradually. 
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Stir the mixture with a glass rod. Note the 
decomposition of sugar into a black mass. 
(Fig. 51) 
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Fig, 51 Action of cone, sulphuric acid on sugar 


Sucrose, when heated gradually to about 
200°C, decomposes and fomis a brown 
product called caramel, which is extensively 
used in confectionery and for tinting medicinal 
pioducts, wine and beer. Sugar is used for 
pieparing jams and pickles. 


6.19 Glucose 

It is also a sugar widely occurring in 
Nature. It is a compound of carbon, 
hydrogen and oxygen only. Glucose is 
present in the seeds and leaves of plants, in 
sweet fruits and in honey. Commercially, 
it is made from starch. Glucose is a colour¬ 
less crystalline solid, soluble in water. It is 
sweet to taste, though less sweet than sucrose. 
It is used as food for invalids and babies. 
It is also used in confectionery and in the 
preservation of fruits. The important vitamin 
C is made from glucose. Glucose has the 
characteristic property of forming a silver 
mirror as described below. 


of grams. Potatoes and lice are rich in 
starch. Potatoes contain about 20 per cent 
of it and rice about 75 per cent. Starch is the 
reserve food supply of plants but is largely 
appropriated by man for his own use. Unlike 
sugar, starch is not sweet. It is obtained 
commercially from coin It is a compound 
of carbon, hydrogen and oxygen only, and is 
a carbohydrate. It is a white solid, ordinarily 
insoluble in water. When heated with water 
m the presence of hydrochloric acid or 
sulphuric acid, staich gives dextrin, malt 
sugar and, finally, glucose. The process is 
known as hydrolysis. 

Experiment 9 Starch is hydrolysed to glucose 

Take about 1 g of starch in a small conical 
flask Add to it about 10 cc of water and 
2 cc of hydiochlonc acid. Heat the mixture. 
Add some Fehting’s solution which contains 
copper sulphate and heat again. Note that 
a red precipitate of cuprous oxide is formed. 
This shows that the starch is hydrolysed to 
glucose which reduces alkaline copper sul¬ 
phate to red cuprous oxide 

Starch is an important organic material 
and is used as food and iu various other 
ways. 

Starch gives a blue coloiu with iodine 
solution and this provides a test for iodme. 
The colour disappears on heating. 

experiment 10 Starch is turned blue by iodine 


Experiment 8 

Take some silver nitrate solution in a test- 
tube. Add ammonia just enough to dissolve 
the precipitate formed. Add some glucose 
and allow to stand or heat gently. Note the 
formation of the silver mirror on the walls 
of the tube. 

Glucose reduces ammoniacal silver niUatc 
to silvci metal. 


Take about 10 cc of dilute potassium 
iodide solution in a beaker. Add about 1 cc 
of chlorine water. Note a change in the 
colour of the solution due to liberation of 
iodine from the iodide Add a drop or two 
of starch solution. Note that a deep blue 
colour develops. Heat the solution. The 
blue colour disappears. Cool the beaker 
Note that the blue colour leappears. 


6.20 Starch 


6.21 Cellulose 


Staich is found abundantly in the kernels Two very common materials, cotton and 
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paper, consist mainly of cellulose. Cotton 
fibre contains about 90 to 97 pei cent cellulose. 
Cellulose is also the chief structural unit of 
the cell walls of plants. Wood contains 40 
to 50 per cent of it. Cellulose is obtained 
by disintegration of wood, grass and hemp. 

Cellulose is again a compound of carbon, 
hydrogen and oxygen only and is a carbo¬ 
hydrate. It is not sweet, When heated with 


watei and an acid (hydrochloric or sulphuric 
acid) under pressure, cellulose gives sugars, 
the final product being glucose. It is 
the source of many products such as gun¬ 
cotton (an explosive), plastics, automobile 
lacquers, ‘safety’ photographic films, arti¬ 
ficial silk ( acetate rayon and viscose rayon), 
insulating materials, celluloid, cellophane 
and cellulose sponges. 


SUMMARY 

Oigcuiic compounds are compounds which contain carbon as an essential 
element. When burnt, they give carbon dioxide. 

A hydrocarbon is a compound of carbon and hydrogen only. 

Benzene and naphthalene are hydrocarbons. Petiol is a mixture of hydro¬ 
carbons 

A polymeric hydrocarbon is a complex compound containing a number of units 
of a hydrocarbon. Rubber is a polymeric hydrocarbon. 

Polymerization is the process which combines simple units into a giant mole¬ 
cule. The units are called monomers and the giant molecules are called polymers. 

Petrol or gasoline is an important motor fuel obtained from natural petroleum 
oil. It is also produced synthetically. 

Alcohol contains oxygen, besides carbon and hydrogen. It is an important 
solvent. When combined with organic acids, it produces sweet-smelling sub¬ 
stances called esters; the fragrant odours of many fruits and flowers are due to them. 

Glycerine is also an alcohol. It is a constituent of fats and oils and is obtained 
from them by hydrolysis. 

Vinegar contains about 4 per cent acetic acid and is used m the preparation 
of food-stuffs. It is made from dilute alcohol. 

Carbohydrates include sugais, starch and cellulose. Glucose and cane sugar 
aie sugars. Starch and cellulose are polymers consisting of glucose units. They 
are tasteless. 

Plastic is a substance which can be softened by heat and then moulded. It 
is obtained by the polymerization of simple raw materials. 

Some synthetic fibres are made from cellulose. Cotton is a natural fibre 
consisting mainly of cellulose Paper is almost all cellulose. 

Indigo is a blue dye extracted from plants. It is also prepared synthetically. 


REVISION QUESTIONS 

1. What aie organic compounds? Give examples. 

2. How do organic substances differ from inorganic ones? 

3. Name the various types of organic compounds. Illustrate your answer from 
some common organic materials. 
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4. What is a hydrocarbon? Give examples, 

5. What is a polymeric hydrocarbon? Give examples. 

6. What is alcohol? How is it made? State two of its important uses. 

7. State some important properties and uses of glycerine. 

8. State the impoitant properties and uses of. (i) naphthalene, (ii) indigo, (iii) 
benzene. 

9. What is petroleum? How do we get petrol from it? Mention some uses of 
petrol or gasoline. 

10. What happens when a lighted match is hiought near petrol m a gas-jar? 

11. What are carbohydrates? Give examples. 

12 State the properties and uses of sucrose and glucose. 

13. Is rubber a polymeric compound? What are its important properties? 

14. What is vulcanized rubber? How is it made? 

15. What is the chemical nature of paper and cotton? 

16. Describe some simple experiments to show that a given substance is organic. 
17 Our food is mostly organic. Explain with examples. 

18. What is cellulose? Name some materials which consist largely of cellulose. 
19 Illustrate with examples the truth of the statement that organic compounds 
are more commonly used than inorganic ones in our daily life. 

20. What happens when: 

a. Sugar is gently heated to about 200°C. 

b. Sugar syrup is mixed with concentrated sulphuric acid. 

c Glucose mixed with ammoniacal solution of silver nitrate is heated, 

21. Name the sources from which cane sugar and glucose are obtained. 

22. What is vinegar? What is the organic compound it contains? Mention 
its uses. 



CHAPTER 7 


Atoms and Molecules; Chemical 
Symbols and Formulae 


7.1 Atoms and molecules 

Even in ancient times some people 
thought that matter consisted of atoms. 
For them atoms were the smallest particles 
that could not be further subdivided In 
1808, John Dalton gave this idea definite 
shape and proposed the theory which is 
now called Dalton's Atomic Theory. We now 
consider atoms to be the smallest particles 
of matter that can take part in chemical 
reactions. But all atoms do not occur free 
in Nature. Although a few, like those of the 
inert gases of the air, occui as atoms, in 
general they occur in clusters of two 
or more atoms, and these clusters are 
called molecules. In gaseous elements like 
hydrogen, oxygen and nitrogen, a molecule 
contains two atoms. In the case of com¬ 
pounds, a molecule contains two or moie 
atoms of different kinds; for example, a 
molecule of water contains two atoms of 
hydrogen and one atom of oxygen, and a 
molecule of carbon dioxide contains one 
atom of carbon and two atoms of oxygen. 

Dalton described the properties of atoms 


in the following manner: 

i) Atoms aie the ultimate particles of 
matter that build up elements and 
compounds They aie neither created 
nor destroyed, 

n) All atoms of the same element aie ahke 
in then properties and have the same 
mass. 

lii) The atoms of one element differ in 
properties and mass from the atoms 
of other elements, 

iv) Atoms of different kinds combine in 
simple integral ratios to form com¬ 
pounds. 

Some of the above statements of 
Dalton have been later modified m the 
light of subsequent investigations. But these 
are not important for the laws we shall 
discuss here, 

These ideas were used by Dalton to 
explain the following laws of chemical 
combination: 

1. Law of Conservation of Mass or 
Matter 

2. Law of Definite Proportions 

3. Law of Multiple Propoi tions 
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Note : Another law known as the Law of 
Reciprocal Proportions is discussed in 
Chapter 11. 

7.2 The Law of Conservation of Mass or 
Matter 

This was hist observed in 1774 by Lavoisier 
who noticed that tin heated in a dosed vessel 
containing air foimed a new substance, 
without any change in the total mass. This 
can be further demonstrated by the follow¬ 
ing experiments. 

Experiment 1 

Take a strong lound-bottomed flask of 
about 250 cc capacity (Figure 52a) Place 
in it a small piece of white phosphorus 
dried between pieces of filter papers. Make 
the flask airtight at once with a rubber 
stopper and weigh the whole. Warm the 
bottom of the flask over a flame until the 
phosphoius ignites Note the production of 
white fumes of a new substance (phosphorus 
oxide). Cool the flask under a tap when 



Fig. 52a. Law of Conservation of Mass 


the phosphorus is burning, in order to 
prevent too much heating and pressure. 
When the phosphoius is completely burnt, 
allow the flask to cool to the temperature of 
the room. Dry the flask and re-weigh the 
whole. Note that the weight remains un¬ 
changed. 


Experiment 2 

Take about 5 cc of dilute sodium chloride 
solution in a small conical flask, with a 
rubber stopper to make it an tight Let 
down into it a small test-tube containing 
about 2 cc of silvei nitrate solution, by means 
of a cotton thread tied to the stopper as 
shown in Figure 52b, such that the two solu¬ 
tions do not mix until so desired. Now 
fit the stopper in the flask. Weigh the whole 



carefully. Then tilt the flask so that the two 
solutions mix. Note a white precipitate of 
a new substance (silver chloride) in the 
flask. Weigh the whole again. The weight 
lemains unchanged. 

Repeat the experiment with (i) feuous 
sulphate and acidified potassium permanga¬ 
nate, and (ii) potassium iodide and meicuiic 
chloride. In the first case the colour dis¬ 
appears, while in the second, a scarlet preci¬ 
pitate is obtained. 

According to the Atomic Theory, atoms 
are indestructible, i e, eveiy atom present 
at the beginning of the chemical change must 
be present at the end of it. Each atom has 
a definite mass, and a chemical change 
consists in mere readjustment or regrouping 
of atoms. Since the total mass of the 
substance is the sum of the masses of the 
various atoms, the total mass before and 
after the change remains the same. 

7.3 The Law of Definite Proportions 

This law was onginally tested in 1799 by 
Joseph Proust, who analysed compounds 
obtained from different sources and m 
different ways. He found that a particular 
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compound, in its pure foim, always 
contained the same elements combined in 
the same definite proportions. This can 
be further demonstrated by the following 
experiments. 

Experiment 3 

Take about 0.4 g (exact weight) of pure 
magnesium in a weighed porcelain boat. 
Place the boat in a combustion tube as shown 
in Figure 53. Heat it while a current of 
pure oxygen is passed over it. Magnesium 
burns in oxygen. When the magnesium is 
completely burnt, weigh the boat with the 
oxide formed in it, The difference between 



Fig 53. Law of Definite Proportions 


this weight and that of the boat gives the 
weight of the oxide. The difference between 


the weight of the oxide and that of the 
magnesium burnt gives the weight of the 
oxygen that combined Note that magne¬ 
sium: oxygen : : 3:2 (approximately). 

Example 1 


Weight of boat 

Weight of boat 

=5 00 g 

+pure magnesium 

=5 40 g 

Weight of magnesium taken 

= 5.40- 


5 00 


=0.40 g 

Weight of boat 4- oxide formed 

5 66 g 

Weight of oxygen combined 

5.66 — 


5.40 


=0.26 g 

The ratio of magnesium to 

oxygen is 


0 40:0 26 or 3:2 (approximately). 

Repeat the experiment by treating about 


0 4 g (exact weight) of pure magnesium in a 
dry and weighed crucible with about 5 cc of 
concentrated nitric acid to get magnesium 
nitrate. Evaporate and heat strongly to 
convert all the nitrate into the oxide Weigh 
the oxide in the crucible. The difference 
between the oxide formed and magnesium 
taken gives the weight of the oxygen that 
combined. Note again that magnesium: 
oxygen : : 3:2 (approximately) 

Example 2 

Weight of dry 
crucible =20 00 g 

Weight of crucible+ 
pure magnesium =20.40 g 
Weight of magne¬ 
sium taken = 20.40-20.00 = 0.40 g 

Weight of crucible+ 
oxide foimed =20.66 g 
Weight of oxygen 

combined =20.66-20 40=0.26 g 

Ratio of magnesium to oxygen is 
0.40: 0,26 or 3:2 (approximately). 

Thus magnesium oxide formed in two 
different ways has a definite composition 
which is independent of the method of 
preparation. 

According to Dalton, a compound is 
made by a combination of different atoms 
and its properties are determined both by 
the kind and the number of atoms present. 
Hence a particular substance having parti¬ 
cular properties must always be composed 
of the same atoms combined together m the 
same proportion. Since all atoms of a 
particular element have the same mass, the 
substance has the same composition by 
weight. 

7.4 The Law of Multiple Proportions 

This was discovered experimentally by 
John Dalton, Jacob Berzelius and others. 
They observed that when two elements formed 
two or more compounds, the weights of one 
of the two elements that combined with a 
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fixed weight of the second clement, weie in 
simple integral ratios. This may be illus¬ 
trated by the following simple examples. 

1 ) Copper foims two oxides. The mole¬ 
cule of one of the oxides contains one 
atom of copper and one atom of oxygen, 
and the molecule of the other contains 
two atoms of copper and one atom of 
oxygen. Thus one and two atoms of 
copper respectively combine with one 
atom of oxygen. Now atoms of the 
same element have the same weight. 
Hence the ratio of copper combining 
with the same weight of oxygen in the 
two compounds is 1:2, which is a 
simple integral ratio. 

ii) Carbon forms two oxides. The mole¬ 
cule of one oxide contains one atom 
of carbon and one atom of oxygen, 
and the molecule of the other contains 
one atom of carbon and two atoms of 
oxygen. Thus one atom of carbon in 
the two oxides combines respectively 
with one and two atoms of oxygen. As 
atoms of the same element have the 
same weight, the ratio of oxygen com¬ 
bined with 1 atom-weight of carbon is 
1 :2, which is a simple integral ratio. 

iii) Phosphorus forms two chlorides. The 
molecule of one chloride contains one 
atom of phosphorus and three atoms of 
chlorine, and the molecule of the other 
contains one atom of phosphorus and 
live atoms of chlorine. Thus, 3 atom- 
weights of chlorine and 5 atom-weights 
of chlorine, respectively, combine with 
1 atom-weight of phosphorus, and the 
ratio is 3:5, which is a simple integral 
ratio. 

This law follows from the Atomic Theory 
which states that if two elements combine 
in more than one proportion to form different 
compounds, there will be a simple relation¬ 
ship between the number of atoms of one of 
the elements that combine with one or more 
atoms of the second element. 


7.5 Chemical symbols and formulae 

Every science has its own system of 
notation. In chemistry, symbols and for¬ 
mulae are required, and for this a suitable 
notation has been devised. Elements are 
denoted by the first letter of their names in 
general, and in certain cases, for the purpose 
of clarity, by two letters, one of them being 
the initial letter. The names are usually 
derived from Latin Some of them are 
commonly used in English also, These 
notations are called symbols. A symbol of 
an element represents an atom and its mass. 
Some simple examples are given below. 


Name of the element 

Symbol 

Oxygen 

0 

Nitrogen 

N 

Hydrogen 

H 

Carbon 

C 

Sulphur 

S 

Phosphorus 

P 

Chlorine 

Cl 

Sodium (Natrium) 

Na 

Gold (Aurum) 

Au 

Silver (Argentum) 

Ag 

Copper (Cuprum) 

Cu 

Iron (Ferrum) 

Fc 

Mercury (Hydrargyrum) 

Hg 

Lead (Plumbum) 

Pb 

Aluminium 

At 

Zinc 

Zn 

Tin (Stannum) 

Sn 

Calcium 

Ca 

Magnesium 

Mg 

Potassium (Kalium) 

K 


Elements and compounds are capable of 
free existence only in the form of molecules. 
A molecule is represented by a formula which 
indicates the number of atoms of the element 
or elements present in-it. 

A molecule of an element consists of one 
or more atoms of the same element, and a 
molecule of a compound contains atoms of 
two or more elements, m a particular ratio. 
In giving the formulae of compounds, the 
number of atoms of each of the elements 
present is taken into account. Some common 
examples are given below. 
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Name of the substance 

Molecular form 

Hydrogen 

Ho 

Nitrogen 

n 2 

Oxygen 

o 2 

Water 

h 2 o 

Carbon dioxide 

co 2 

Sulphur dioxide 

so 2 

Phosphorus pentoxide 

P 2 O b 

Limestone 

CaC0 5 

Ammonium chloride 

NH 4 C1 

Silver oxide 

Ag a O 


An account of how chemical formulae are deuved and written is given in Chapter 11. 


SUMMARY 

An atom is the smallest particle of matter in the subdivision of an element. 

A molecule is that particle of a substance which is capable of free existence. 
A molecule of an element is a clustei of two or more atoms of the same kind. 
A molecule of a compound is a cluster of two or more atoms of different lands 

Dalton’s Atomic Theory states: 

1 . Atoms are the ultimate particles of mattei that build up elements and 
compounds. They aie neither created nor destroyed, and they cannot 
be further subdivided 

2 All atoms of the same element are alike in their propeities and have the 
same mass or weight. 

3. Atoms of different elements differ in properties and weight. 

4. Compounds are formed by the combination of atoms of diffeient kinds in 
simple integral ratios. 

The chemical combination of atoms is governed by three impoitant laws. 

The Law of Conservation of Mass states: ‘There can be no change of weight 
in any chemical reaction.’ 

The Law of Constant Proportions states: ‘A given compound always contains 
the same elements combined m the same fixed proportions by weight.’ 

The Law of Multiple Proportions states: ‘When two elements combine to 
form more than one compound, the different weights of one of the elements 
combining with a fixed weight of the other element bear a simple integral iatio.’ 

A chemical symbol is one letter or a gioup of two letters (one initial, and one 
other) taken usually from the Latin name of the element It stands for one atom 
of an element, and also for its weight. 

A chemical formula is a group of symbols representing the elements which form 
a molecule. It states the number and kind of atoms in one molecule of an element 
or a compound. It stands for one molecule and its weight. 
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I. What are atoms? State tlieir properties. 

2 What aie molecules? How do they differ from atoms'? 

3. State the Law of Conservation of Mass. Describe an experiment to illustrate 
it 

4 4 S g of magnesium are completely burnt using up 3.2 g of oxygen What is 
the weight of the product formed 9 

5 State the Law of Definite Proportions, and give two examples. 

6 . Water obtained by the explosion of hydrogen and oxygen contains the two 
elements in the ratio of 1 :S by weight. What will be the composition of any 
sample of pure water? 

7 State the Law of Multiple Proportions, and give two examples. 

8 . Three oxides of nitrogen contain nitrogen and oxygen in the ratio of 2 atoms: 
1 atom, 2 atoms:3 atoms and 2 atoms 5 atoms, respectively. How do they 
support the Law of Multiple Proportions? 

9. Explain and illustrate the meaning of a chemical symbol. Give five examples 

10. Explain and illustrate the meaning of a chemical formula. 

II. Wute down 1 

a. The chemical symbols of 

(l) sodium, (u) silver, (ih) oxygen, (iv) chloiine, (v) phosplioius. 

b. The chemical formulae of 

(i) sodium chloride, (n) sodium sulphate, (iii) potassium nitrate, 
(iv) calcium sulphate, (v) calcium carbonate. 





CHAPTER 8 


States of Matter and Their Characteristics 


8.1 States of matter 

We have learnt in the earlier chapters 
that, at ordinary temperature, air, oxygen, 
nitrogen, and hydrogen are gases; water is a 
liquid; and carbon, sulphur, phosphorus and 
many metals and their salts are solids. 
Matter, therefore, exists in three physical 
states: ( 1 ) gas, (it) liquid and (ni) solid. 

The three states are intei convertible 
under suitable conditions Water, for ex¬ 
ample, is liquid at ordiuary temperature but 
when heated to 100°C or above it changes 
into steam (a gaseous state), and when cooled 
to 0°C, it gives solid ice. Conversely, ice 
when heated gives water, and water when 
boiled changes into steam which on cooling 
condenses to liquid water again. 

We shall now study the characteristics 
of the three states. 

8.2 Characteristics of gases 

A characteristic property of gases is their 
great compressibility They expand on 
heating and decrease in volume when pressure 
is increased. 

Gases can be conveniently pleasured in 
volumes. The volume of any substance is 


the space occupied by that substance. The 
volume of a sample of gas is the same as 
the volume of the vessel in which it is con¬ 
tained. 

Volume is ordinarily specified in cubic 
centimetres or litres. 

One litre =1,000 ml or approximately 
1,000 cc 

1 cc—the volume of 1 g of water at 4°C. 

The volume of a gas depends upon 
temperature and also pressure. 

Temperature is defined as a measure of 
the hotness of a substance expressed in 
degrees. There are different scales for measu¬ 
ring temperature; the important ones are: 
(i) the Centigrade scale, generally used in 
science, (ii) the Fahrenheit scale, (iii) the 
Absolute or Kelvin scale. In chemistry, 
the Centigrade and Kelvin scales are com¬ 
monly used. 

The experimental behaviour of gases 
leads us to believe that it is not possible to 
attain temperatures below—273°C, which 
gives us a zero for an absolute temperature 
scale, referred to as the Kelvin Scale after 
Lord Kelvin who proposed it m 1848. 
Temperature on this scale is expressed by the 
symbol T. 
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Temperatuie on the Centigrade scale has 
0 °C as its zero, which corresponds to the 
freezing point of water. 100°C coiresponds 
to the boiling point of water. 0°C corres¬ 
ponds to 32°F on the Fahrenheit scale, and 
100 °C corresponds to 212 a F, as shown in 
Figure 54 


depends upon pressure which determines 
the direction of mass flow just as the tem¬ 
perature determines the direction of heat 
flow. Heat flows from a hotter body to a 
cooler one, and matter, unless otherwise 
checked or constrained, tends to move from 
a place at a higher pressure to a place of 


n 
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Fig. 54 Temperature scales 
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Temperature (t°C) on the Centigrade 
scale is thus converted into temperature on 
the other scales as follows: 



t°C=(t+273)°K==T° 
212-32 


100 


Xt. 


:)+32=ti°f 


t°F=(t—32) x 


100 

212—32 


:t 2 °C 


The volume of a sample of gas also 


lower pressure. For example, the air com¬ 
pressed in an automobile tyre, and therefore 
under higher pressure, escapes from it to a 
region of lower pressure outside. A rubber 
bladder filled with air under pressure loses 
its air through a hole in it, if there is one. 

We on earth live at the bottom of a fluid 
called the atmosphere which exerts a pressure. 
This can be demonstrated by the following 
experiments. 
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Experiment 1 

Take a bottle made out of a thin tin can. 
Evacuate it by means of a suction pump. 
Note that as the air is pumped out, the 
atmospheric pressure on the bottle crushes it. 
If a suction pump is not available, the ex¬ 
periment may be modified as follows: 

Take a thin tin can containing some water 
Heat the water to boiling for some time 
so that all air is replaced by steam. Cork 
the can tight. Allow it to cool. Sprinkle cold 
water on it. The can gets crushed The 
pressure inside the can is reduced dye to 
condensation of steam, and the high atmos¬ 
pheric pressure outside the can crushes it. 

Experiment 2 

Fill a long graduated tube of stout glass 
closed at one end, with mercury. Invert it 
in mercury in a trough as shown in Figure 
55. Note that a certain mercury column is 
supported m the tube and that the space 



above it is a vacuum because at room tem¬ 
perature mercury does not vaporize much. 
This shows that air exerts pressure on mercury 
and this pressure is equal to the weight 
of the mercury column. It is a general 
property of liquids that at any point in the 
liquid at the same level the pressure is the 
same. Thus at the level of the surface of 
the mercury in the trough, 

Patm=P Hg 

It is therefore possible to measure the 
atmospheric pressure in terms of mercury 
column, 

One standard atmospheiic pressure sup¬ 
ports a column of mercury measuring 760 
mm or 76 cm at 0°C at sea level This is 
referred to as 1 atm. prcssuie. The atmospheric 
pressure can balance a meicury column 76 
cm high, and for 1 sq cm in area of cross-sec¬ 
tion, it is 76 cc of meiciuy. The weight of 
this mercury is 76 X 13.6 g where 13.6 is the 
relative density of mercury. 
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The pressuie of a sample of gas can be 
measured in a manometer as shown in Figure 
56. 

P=1 atm. P 2 =a mm of Hg 
P=P X +P 3 

Pi=P—P 2 =760—a mm of Fig 
(P can be known from a barometei.) 

When P a =0, Pi=P. 

8.3 Characteristics of liquids 

1. Liquids unlike gases are only very slightly 
compressible. In their case volume does 
not change much with a change of pres¬ 
sure. It however changes with tem- 
peiature The total volume of two 
or moie liquids is roughly equal 
to the sum of the ongmal volumes. 
All gases can mix in any proportion; 
and are said to be miscible, Liquids 
however may be miscible or partially 
miscible or immiscible, forming separate 
layers Liquids maintain their volume 
irrespective of the container. 

2. Liquids have no characteristic shape. A 
liquid assumes the shape of the container 
which holds it 

3. Gases diffuse and so do liquids, but liquids 
diffuse slowly and gases diffuse much more 
rapidly. A drop of ink that falls in 
water diffuses throughout the water. 
In the case of a liquid, each molecule 
migrates from one side of its container 
to the other but it has to suffer billions 
of collisions in doing so. In gases the 
migrating molecule does not suffer so 
many collisions and is more free to move 
and mix with other gases 

4. Liquids evaporate when exposed. Mole¬ 
cules escape from the surface of a liquid 
when it is exposed. 

When a liquid evaporates from a non- 
insulated container its temperture does not 
fall much. However, when evaporation pro¬ 
ceeds from an insulated container (i.e., a 
container wrapped with non-conducting mate¬ 
rial like cotton, wool or rubber) the flow of 


heat from the suiroundmgs is slower and 
the temperature of the liquid drops consi¬ 
derably. This diminishes the rate of evapora¬ 
tion. This is what happens in the Dewar 
flask or a thermos bottle (see Figure 51). 



Liquid air (an extremely volatile liquid) is 
preserved in such vessels for hours. 

5. Vapour pressure When a liquid 
evaporates m a closed space, its level drops 



CONDENSED 

VAPOUX 


Fig. 58 Evaporation in a confined space 
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for a while but becomes constant after 
some time. This means that the molecules 
of the liquid escape into the limited space 
and then come back again The amount 
of liquid m the container stays constant, and 
the concentiation of molecules in the vapour 
above the liquid is also constant because of 
the dynamic equilibrium between the liquid 
and the vapour above it The molecules in 
the vapour exert a pressure which is charac¬ 
teristic of the liquid This is known as the 
saturated vapour pressure of the liquid This 
vapour pressure depends on: (i) the nature 
of the liquid, and (li) the tempeniture. 

Different liquids possess different vapoui 
pressures at a given temperature. With 
increase in temperature the vapour piessute 
increases in the case of all liquids The 
vapour pressure of a liquid at a given tem¬ 
perature can be measuted as described in 
the following experiment. 


Experiment 3 

Set up a barometric tube with mercury 
in it By means of a dropper, introduce 
about 2 cc of the liquid into the barometric 
tube as shown m Figure 59 Note that the 
liquid goes up and vaporizes in the 
vacuum Also note the depression in 
the mercury level. This shows that the 
vapour exerts a pressure which is equal to 
the difference between the mercury levels 
before and after, at the room temperature 
noted. 

Repeat the experiment at different tem¬ 
peratures. Note that the vapoui pressure 
increases as indicated m the curves shown in 
Figure 60. Thus, vapour pressure is a func¬ 
tion of temperature. 

6. Boiling point When a liquid is healed 
in an open vessel, it changes into the vapour 
state through the foimation of bubbles 
The process is known as the boiling of a 



Fig 59. Measurement of vapour pressure 
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liquid. Every pure liquid begins to boil at 
a definite temperature under a given pressure 
(say 1 atm.). This temperature is known as 
the boiling point of the liquid (expressed as 
bp.=t°C). The boiling point of a liquid is 
the temperature at which the vapour pressure 
of the liquid equals the atmospheric pressure 
outside. 



Fig 60. Change of vapour pressure with tempci ature 

The boiling point of a liquid depends upon 
the pressure. It varies with the pressure, 
i.e , b.p increases when the pressure increases. 
The standard or normal b.p. corresponds to 
one standard atmospheric pressure, i e, 
760 mm Hg. Its value can he experimentally 
determined. 

7. Freezing point of a liquid. When a 
liquid is cooled, it freezes to form a solid. 
This freezing takes place at a definite tem¬ 
perature, under a given pressure The freez¬ 
ing point of a liquid is lowered by pressure. 
The standard or normal freezing point (f p ) 
of a liquid corresponds to the standard atmos¬ 
pheric pressure. It is the temperature at 
which a liquid freezes under a pressure of one 
standard atmosphere or 760 mm of mercury. 


8.4 Characteristics of solids 

Some important characteristics of solids 
aie' 

i) Like liquids, solids are quite difficult 
to compress. In fact they me practically 
incompressible because the molecules in 
them are more closely m contact 

ii) Solids maintain then volume which is 
independent of the shape or size of the 
container. 

iii) Solids are rigid and do not flow under 
ordinary conditions They have a defi¬ 
nite shape, unlike gases and liquids 
which are fluid. Their molecules have 
fixed positions, suggesting a definite 
stiucture. 

iv) Solids, unlike gases and liquids, practi¬ 
cally do not diffuse. This is clear from 
the fact that layers of lock remain in¬ 
tact for millions of years, retaining 
sharp boundaries 

v) Solids generally form ciystals which 
are particles with definite geometric 
forms, characteristic for each substance, 
and which are bounded by plane sur¬ 
faces called faces, intersecting at an 
angle characteristic of a substance. 
For example, sodium chloride forms 
cubic crystals and sulphur gives a 
rhombic or monoclmic crystal. It has 
however been observed that the same 
chemical substance under different 
conditions can form different kinds of 
crystals. This property is known as 
polymorphism. Thus molecules or 
atoms are arranged m oiderly patterns 
characteristic of a substance, giving a 
particular structure which can be 
examined by X-ray photographs or 
X-ray diffraction. 
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SUMMARY 

Matter exists in three physical states. ( 1 ) solid, (ii) liquid, (iii) gas. The three 
states are interconvertible under suitable conditions Gases are highly compressi¬ 
ble. Liquids and solids are not so. The volume of a gas depends on the tem¬ 
perature and also on the pressure It is ordinarily expressed m cubic 
centimeters, millilitres or litres. 

The volume of a sample of gas is the same as the volume of the container. 
Liquids maintain their volume m any container. 

Temperature is defined as a measure of the degree of hotness of a substance. 
It is expressed in degrees on different scales, usually Centigrade and Kelvin. 

Pressure is defined as force per unit area. It is expressed in grams per sq cm. 

The pressure of air at 0°C is one atmosphere. It is equal to the pressure of 
760 mm of mercury at 0 Q C. 

Liquids have no characteristic shape. They assume the shape of the container 
in which they are held. 

Gases diffuse, and so do liquids, but liquids diffuse slowly and gases moie 
rapidly. 

Liquids evaporate when exposed Highly volatile liquids are preserved in 
stoppered bottles. 

Liquids exert vapour pressure which increases with the temperature. Different 
liquids possess different vapour pressures, at a given temperature. 

A liquid boils at a fixed temperature under the pressure of 1 atmosphere; this 
temperature is known as its boiling point 

A liquid freezes at a fixed temperature under atmospheric pressure; this 
temperatuie is known as its freezing point 

Solids maintain their volume independently of the shape or size of the con¬ 
tainer They are quite difficult to compress They are rigid and do not flow 
under ordinary conditions. They do not diffuse. They form crystals which are 
particles with definite geometric forms, cheracteristic for each substance. 

A solid melts at a fixed temperature under atmospheric pressure; this tem¬ 
perature is known as its melting point. 


REVISION QUESTIONS 

1. State how gases, liquids and solids differ in their properties. 

2. The volume of a mass of gas depends upon temperature, and also pressure 
Illustrate this statement with examples. 

3. Name the units of volume and pressure used in the case of gases. Calculate 
the volume in cc of a gas which is contained in a vessel of 5 hties capacity 
under ordinary pressure. 

4. What is meant by saying that a gas is highly compressible'? Illustrate the 
statement with an example. 

5. What is meant by the vapour pressure of a liquid? How do you explain the 
evaporation of a liquid? 
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6. Define: 

1 ) the boiling point of a liquid 
n) the freezing point of a liquid 
in) the melting point of a solid 
iv) the vapour piessure of a substance. 

7. Describe an experiment to show that the vapour piessure of a liquid changes 
with temperature. 

8. Name four substances which aie gases, four which are liquids, and four which 
are solids. 

9 Complete the following relationships: 

i) 27°C = .°K 

n) 22-4 litres = . .. . cc 

in) 30=400 cc =.litres 



CHAPTER 9 


Solutions 


9.1 Solutions 

When a solid, liquid, or gas dissolves in 
watei a solution is formed, Let us illustrate 
what a solution is with the help of the follow¬ 
ing experiments. 

Experiment l 

Take some water in a beaker Add some 
sugar to it and stir with a glass rod. Note 
that the sugar disappears m the water and a 
homogeneous mass of sugar and water is 
framed. Taste it It is sweet. 

Repeat the experiment with common salt 
and water Note that salt also dissolves m 
water and the solution tastes saltish, 

A homogeneous mixture like that of sugar 
or salt in water is known as a solution 

A solution is therefore a homogeneous 
mixtuie of at least two substances The one 
which goes into solution, e g., sugar or salt, 
is called the solute and the other in excess 
which dissolves the solute is called the solvent 
So the mixture of sugai or salt and water is 
a solution, and sugar or salt is the solute and 
water is the solvent. When a solution is 
evaporated, the solvent evaporates and the 
solute is left as a residue. 


9.2 Solubility and the effect of temperature 

Shake equal weights of sugar, salt and 
sand separately in a convenient volume of 
water, in three beakers Stir well and note 
that salt dissolves but sugar dissolves more, 
and sand docs not dissolve at all. Thus we 
conclude that some substances aie more 
soluble, some are less soluble and some are 
almost insoluble Thus, solubility depends 
upon the nature of the solute. 

Experiment 2 

Take 100 cc of water in a beaker. Add' 
common salt to it, little by little, stirring all 
the time, Note that the salt goes on dissolv¬ 
ing; after a stage no more dissolves and it is 
left over at the bottom of the beaker. Heat 
the beaker on a sand bath and stir the salt 
in the beaker. Note that the remaining 
salt also dissolves. Cool the beaker. Note 
that part of the salt comes out of the solu¬ 
tion in the beaker. So, a given quantity of 
water dissolves a certain amount of a solid 
and no more at any given temperature. 

The amount of solid that can be dissol¬ 
ved m a litre of water at a given temperature 
gives the solubility of the solid in the water 
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at that temperature. A change in tempera¬ 
ture has a marked effect on the solubility. 
In the case of solids, the solubility usually 
increases with increase in temperature 

Experiment 3 

Mix about 19 g of poLassium nitrate with 
excess of water m a beaker. Stir with a 
glass rod. Note that the nitiate dissolves. 
Add, little by Little, more of the potassium 
nitrate to the solution in the beakei until, 
after shaking, some of it remains undissolved 
Filter the solution. The cleai filtiate is the 
satwated solution at the room temperature 
Put more nitrate into it and heat. The 
nitrate dissolves. Allow the solution to 
cool Note that the second lot of nitrate is 
now thiown out of the solution. From this 
we can conclude that' 

i) a saturated solution at a given tempera¬ 
ture contains the maximum amount of 
solute at that temperature; 

n) a solution saturated at a lower tempe¬ 
rature can take in more solute at a 
higher temperature; 

ui) a saturated solution throws out of some 
of the solute at a lower temperature. 

We have noted in Experiment 2 that when 
a saturated solution is allowed to cool, some 
solute is thrown out of the solution This 
may not happen always because a super¬ 
saturated solution may be formed. A solu¬ 
tion is said to be super-saturated when it 
contains more solute than the saturated 
solution. On the addition of a crystal of the 
solute to a super-saturated solution, the excess 
of solute crystallizes out. This can be 
demonstrated by the following experiment. 

Experiment 4 

Pour 1 cc of water into a test-tube con¬ 
taining 6 g of powdered sodium thio¬ 
sulphate. Loosely cork the test-tube and 
heat it gently in a water bath until the salt 
dissolves Allow it to cool. Note that the salt 


does not crystallize out. Diop into it a 
crystal of the solute. Note that the solute 
at once begins to separate. 

9.3 Different solvents for different solids 

Experiment 5 

Mix some powdered sulphur with water 
and caibon disulphide in two separate bea¬ 
kers. Note that sulphur does not dissolve 
in water but dissolves in caibon disulphide. 
Similarly you will notice that iodine dissolves 
m alcohol but not m water This shows 
that all solids do not dissolve in all liquids. 
Some solids like sugar, salt and nitre dissolve 
m water and not in kerosene whereas other 
substances like sulphui and iodine dissolve 
in other solvents. 

9.4 Solutions of liquids in liquids 

Experiment 6 

Mix some alcohol with water in a separt- 
ing funnel. Shake well and note that the 
two liquids form one layer. Repeat the 
experiment with water and petiol. Note 
that the two liquids do not mix to form one 
uniform layer, but separate into two layers 
This shows that two liquids may be 
miscible, forming one layer, or they may be 
immiscible, forming separate layers. 

9.5 Solutions of gases in liquids 

Experiment 7 

Pass a cui rent of ammonia, hydrogen 
chloride and sulphur dioxide separately 
into water in different conical flasks Note 
that these gases dissolve in water and do not 
bubble out before the state of saturation 
Repeat the experiment with oxygen and 
hydrogen gases Note that these gases bubble 
out through the water, showing that they 
do not dissolve much m water. Thus we 
conclude that some gases are soluble and 
olheis insoluble. All gases however are 
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soluble in water to some extent. Carbon 
dioxide is a gas which is fanly soluble in 
water. Under pressure it dissolves readily 
and forms soda-water. When you open a 
soda-water bottle, you release the pressuie 
of the gas; carbon dioxide bubbles, there¬ 
fore, escape from soda-water with efferves¬ 
cence, This shows that the solubility of 
a gas in water decreases with decrease m 
pressure and increases with increase in 
pressure. Gases are less soluble in hot water 
than In cold water. 

Experiment 8 

Pour cold water saturated with carbon 
dioxide (soda water) into a test-tube. Fit the 
test-tube with a delivery tube going into lime 
water in a conical flask, as shown in Figure 


62. Heat the tube and note the effervescence 
in the test-tube and the millaness in the 
conical flask. 



Fig. 62 Carbon dioxide is less soluble in hot water 

This shows that the dissolved gas goes 
out of the solution on heating. The solu¬ 
bility of a gas therefore decreases with the 
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increase in temperatuie. In the case of 
solids, we have seen in Experiments 2 and 3 
that the solubility usually increases with 
increase m temperatuie. 


Solubility 


50 

=2^ X 100=25 g 
pei 100 g of water. 


9.6 How to determine the solubility of a 
solid in a liquid 

Experiment 9 

Measure about 100 cc of puie water into 
a beaker with the help of a graduated jar. 
Add powdered common salt, little by little, 
shaking and stirring till no more dissolves. 
We have now got a satruated solution at the 
room temperature. Filter this, collecting the 
filtrate in a weighed evaporating porcelain 
basin. Weigh the basin with the filtrate. 
Note the weight. Heat the basin on a sand 
bath to evaporate the water in the solution 
completely. When the water is completely 
evaporated, weigh the basin with the dry 
residue after cooling in a desiccator. Note 
the weight and calculate as follows. 

Weight of basin alone =wi g 

Weight of basin+filtrate —wz g 

Weight of the filtrate =wa—wr=a] g 

Weight of basin+residue 

after evaporation =w a g 

Weight of residue =w 3 —wi=a a g 

Weight of water in the fil¬ 
trate taken = a 1 —a 3 =a 3 g 

The solubility of the salt 
in water at the room 

<±2 

temperature =—X 100 

a 3 

=w g per 100 g 
of water 


9.7 Concentration of a solution 


The solubility of a salt m water gives 
the concentration of the salt in one litre of 
the solvent at a given temperatuie 


Concentiation= 
per litre 


Mass of solute 
Volume of solvent m litres 
M 


V 


If concentration is high, the solution is 
strong, and if it is low, the solution is said 
to be dilute. 


9.8 What is the solubility curve? 

We have noted that the solubility of a 
substance in a given liquid vanes with the 
temperatuie. It usually increases with the 
temperature in the case of solids but 
decreases in the case of gases The solubility 
of a substance at various temperatures can 
be conveniently represented on a graph by 
what is called the solubility curve. The solu¬ 
bility curves of some salts in i elation to 
water are given m Figure 63 

The curves give, at a glance, indication 
of how the solubility varies with the tempe¬ 
ratuie. The solubility curves of salts present 
in sea water give us the conditions under 
which common salt and other salts can be 
separated from sea water. 


Example 

Potassium nitrate gave a saturated solution m 
water when 50 g of the nitrate were completely dissol¬ 
ved in 200 cc of water at room temperature. Cal¬ 
culate the solubility of mtic in water at the room 
temperature. 

In the saturated solution, 
weight of the nitrate =50 g 

Weight of water =200 g 


9.9 Importance of solutions 

The process of solution (the dissolving 
of solids or gases in liquids, oi the mixing of 
liquids) is of great importance to us. Our 
life processes depend upon it. The food 
we eat is converted into simpler substances 
during digestion. These simple substances 
either dissolve in or mix with the blood 
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Fig 63 Solubility curves 


winch carries to the various organs, the 
materials needed by them foi their activities, 
During respiration oxygen dissolves in the 
blood which sends it to the cells for oxidation 
of food pioducts into carbon dioxide and 
water Thus the process of solution is 
essential for human hfe 

This process is important in chemical 
industry also, for most of the chemical 
reactions take place in solution. 

Solutions are useful also in the separation 
of soluble and insoluble substances. For 
example calfeme, which is an important diug, 
is extracted from tea leaves by chloroform 
Soluble substances are separated and purified 
by crystallization fiom their solution in 
suitable solvents. 

Solutions are helpful in administering 
medicines in measuied doses. This is because 
small quantities cannot be conveniently 
weighed but can be easily adjusted in solution 


9.10 Freezing point and boiling point of 
solutions 

A lowering of the freezing point and 
elevation of the boiling point generally 
occurs in the case of solutions This can be 
demonstrated by the following experiment. 

Experiment 10 

Determine the freezing point and boiling 
point of pure water and then of a solution of 
sugar or common salt in water. Note that 
the freezing point of the solution is lower than 
that of pure water, and the boiling point of 
the solution is higher than that of pure water 
Repeat the experiment talcing other solutes 
and solvents. 

We notice m the case of solutes which aie 
not electrolytes that the lowering of the 
freezing point and the elevation of the boiling 
point are propoitional to the quantity of 
solute in a given amount of the solvent. 
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SUMMARY 

A solution is a homogeneous mixture of two 01 more substances 
A solute is a substance which goes into solution in another which is in excess. 
A solvent is a substance which dissolves another 

The solubility of a substance in water at a given temperature is the maximum 
amount of the substance which can be held in solution by 100 g of water at 
the given tempeiature. 

Solubility varies with the temperature 

Solubilities of substances at different temperatures can be shown on the 
solubility curve 

In the case of solids in liquids, solubility normally increases with the tem¬ 
perature. 

Gases are moie soluble in cold water than in hot water. 

A saturated solution contains the maximum amount of the solute in a given 
volume of the solvent at a given temperature. A solution which contains less 
than the maximum quantity of the solute is called an unsaturated solution and a 
solution which contains more of the solute is said to be a supersaturated solution. 
A saturated solution, when allowed to cool, gives out crystals of the solute; 
unsaturated and super-saturated solutions do not 
All solids do not dissolve in all liquids. 

Liquids may be miscible or immiscible. 

Solubility=concentration per litre of a saturated solution 

=maximum weight, in giams, of the solute per litre of solution. 

The freezing point of a solution is lower than that of the puie solvent. 

The boiling point of a solution is higher than that of the pure solvent, 

REVISION QUESTIONS 

1 What is a solution? Illustrate your answer with examples. 

2. Explain and lllustiate the meaning of (i) solute, (n) solvent 
3 Explain what is a saturated solution. How is a saturated solution of a solute 
in water obtained? Illustrate with potassium nitrate as an example. 

4. How does a saturated solution differ from an unsaturated solution and a 
super-saturated solution ? 

5. Explain the meaning of solubility. Describe how it is determined A solution 

at 25°C contains 5 g of a solute in 200 cc of water No more of the solute 

can be dissolved in this solution at 25°C. Calculate the solubility of the 

solute in water at 25°C 

6 Name the solvents which dissolve nitre, sulphur and iodine. 

7. Water freezes at 0°C and boils at 100°C How will the freezing point and 

the boiling point of pure water be affected by dissolving sugar in it? 

8. What is the effect of temperature on: (a) the solubility of a solid in water, 
(b) the solubility of a gas m water. 

9. State and illustrate the importance of solutions. Give three important uses 
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10,1 Types of change 

In Nature, matter undergoes continuous 
change. Some of the changes are simple 
changes and are temporary. These are called 
physical changes. The following experiments 
give some examples of these. 

Experiment 1 

Take some water in a beaker. Surround 
the beaker with a mixture of ice and common 
salt. The water freezes into solid ice. Heat 
the beaker. The ice melts and changes back 
into water. Heat the water to boiling; water 
changes into vapour, called steam. Allow 
the steam to pass into a cool jar. The steam 
condenses into water. Note that no new 
substance with a new composition is formed 
and that there occurs only a change of state. 

Experiment 2 

Take some common salt in a poicelain 
basin. Add some water to it. Stir with a 
glass rod. Note that the salt dissolves and 
a solution with a saltish taste is formed. 
Boil the solution. The water evaporates, 
and the salt is left as a residue in the basin. 
No new substance is formed. 


Experiment 3 

Heat a crystal of iodine in a test-tube. 
Note the violet vapour which condenses on 
the cooler parts of the test-tube. The con¬ 
densed vapour is iodine. No new substance 
is formed and there occurs only a change 
of state 

There are other changes which are more 
permanent and are normally irreversible. 
When magnesium ribbon is heated in a china 
dish it is converted into white ash The 
white ash cannot be converted back into 
magnesium ribbon by cooling. Such changes 
are called chemical changes. These are 
classified into four important types. 
i) Chemical combination 
li) Chemical decomposition 
ni) Simple displacement 
iv) Double decomposition. 

These changes may be demonstrated by 
the following experiments, 

10.2 Chemical combination 

Experiment 4 

Introduce a piece of magnesium ribbon 
with a pair of tongs in the non-luminous 
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Bunsen flame and take it out Note that it 
burns continuously with a dazzling light, and 
a white powder of magnesium oxide is 
pioduced Magnesium combines with oxygen 
with the evolution of heat and light, forming 
magnesium oxide. 

magnesium + oxygen->magnesium oxide 
Experiment 5 

Melt a little sulphur in a test-tube and 
then add a few pieces of iron filings and 
heat. Iron and sulphur combine, when 
heated, giving out sparks, and iron sulphide 
is formed. 

1 r on+s ul phu r 1 r o n sulphi d e 
Experiment 6 

Expose a mixture of hydrogen and 
chloune gases in equal volumes in a stout 
stoppered globe to light. The two gases 
combine to pioduce hydrogen chloride. 
(Caution. The reaction is vigorous and the 
experiment should be done in a protective 
cage.) 

Hydrogen chloride dissolves in water 
and the solution gives a white precipitate 
with silver nitrate solution 

hydrogen+chlorine-*hydrogen chloride 

Experiment 7 

Explode a mixture of hydrogen and 
oxygen m the ratio of 3 volumes : 1 volume, 
in a eudiometer tube over mercury, by passing 
an electric spark between the platinum wires 
fused in the tube as shown in Figure 16 (page 
14). On cooling, the volume shrinks and drops 
of water appear on the surface of mercury 
and on the walls of the tube. Hydrogen 
combines with oxygen to form water. 
hydrogen+ oxygen~>water 

10.3 Chemical decomposition 

Experiment 8 

Heat some red lead m a hard glass test- 
tube Introduce a red-hot splinter into the 


tube The splinter buists into flame, showing 
that oxygen is given oif. A yellow powder 
of litharge is left as a lesidue in the test-tube. 
This is an example of chemical decomposi¬ 
tion by heat. Red lead decomposes into 
oxygen and litharge. 

red lead->litharge+oxygen 

Experiment 9 

Take some silver bromide suspended in 
water in a test-tube. Cork the tube and place 
it in sunlight. Note the change in coloui 
from yellowish white to dark giey after some 
time The grey colour is due to the forma¬ 
tion of metallic silver m finely divided foim 
Silver bromide is clecomposed by light, 
silver bromide-^silvei +bi onnne 

Experiment 10 

Pass an electric current through acidulated 
water in a voltameter as shown m Figure 17 
(page 14). Water decomposes into two 
gases collected m the two tubes One suppoits 
combustion and is oxygen, the other burns 
and is hydrogen. 

water-*-hydrogen+ oxygen 

Experiment 11 

Add some drops of concentrated nitric 
acid to a copper piece in a test-tube. Red 
dish brown fumes are evolved and a green 
solution of copper nitrate is produced 
Nitric acid is decomposed by copper by mere 
contact, and heat is produced. 

copper+nitric acid-^coppcr nitrate+red- 
dish brown fumes of nitrogen peroxide 

10.4 Simple displacement 

Experiment 12 

Place an iron nail in a solution of copper 
sulphate m a beaker as shown m Figure 40 
(page 33). A red deposit of copper appears 
on the iron nail. 

copper sulphate -f i ron-Wron sulphate + 

copper 
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This is an example of simple displacement. 

10.5 Double decomposition 

Experiment 13 

Add some silver nitrate solution to a 
solution of sodium chloride in a beaker. A 
white precipitate appears The solution 
after filtration is found to contain sodium 
nitrate. 

Sodium chloride-fsilver nitiate->silver 
chloride + sodium nitrate 
This is an example of double decompo¬ 
sition . 

10.6 Characteristics and conditions of 
chemical change 

The above experiments give the character¬ 
istics and also conditions of chemical change. 
They are as follows : 

a. Characteristics 

i) One or more new substances are 
formed either by the decomposition of 
the molecules or by rearranging their 
parts. 

ii) Heat is either evolved or absorbed, 
in) In some cases light is also given out. 

b. Conditions affecting chemical change 

i) Heat 

ii) Light 

lii) Electricity 
iv) Close contact. 

Percussion and explosion also bring 
about chemical change. This will be describ¬ 
ed in some individual cases. 

10.7 Chemical equations 

Chemical equations are intended to give 
a brief picture of a chemical change or 
reaction in a quantitative manner. The 
following are some simple examples. 

i) Hydrogen burns in oxygen to produce 


water The reaction is expressed in 
symbolic form as follows • 

2H a -!- 0 2 2H 2 0 

hydrogen oxygen water 

(2 molecules) (1 molecule) (2 molecules) 

ii) Red lead decomposes on heating into 
litharge and oxygen. The reaction is expressed 
as follows: 

2Pb n O„ 6 PbO f 0 2 

red lead lithaige oxygen 

(2 molecules) (6 molecules) (1 molecule) 

iii) Zinc reacts with sulphuric acid to 
produce hydrogen and zme sulphate. 
The reaction is expressed as follows 1 

Zn + H 0 SO 4 -> ZnSO, + H 2 
Zinc Sulphuric Zinc Hydrogen 
acid sulphate 

(1 molecule) (1 molecule) (1 molecule) (1 molecule) 

iv) Silver nitrate, when added to a solution 
of common salt, pioduces a white 
piecipiiatc of silver chloride, and 
sodium mtiate in solution The reaction 
is expressed as follows : 

AgNO a 4- NaCl -> AgCl + NaN0 3 
silver sodium silver sodium 

nitrate chloride chloride nitrate 

(1 m olecule)(l molecule)(l molecule) (1 molecule) 

10.8 How chemical equations are written and 
balanced 

Chemical equations are often more 
complicated than the examples given above 
In writing and balancing them the following 
points are to be borne in mind' 

1 ) The experimental facts are to be stated 
accurately, i.e., the reactants and the 
resultants must be known 

ii) The reactants, i.e , the substances that 
react, are to be wntten on the left of the 
arrow or the sign of equality, and the 
resultants, i.e., the products formed, 
on the right 

iii) The reactants and the resultants are to 
be put in the form of their molecular 
formulae. 
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iv) The equation is to be balanced by put¬ 
ting simple integral balancing numbers 
called coefficients before the formulae, 
so that the total number of atoms on 
the left equals the total number of 
atoms on the right. 

The above points are illustrated in the 
equation for the decomposition of potassium 
chlorate by heat 

a. Potassium chlorate decomposes into 
potassium chloride and oxygen Potassium 
chlorate is the reactant and potassium 
chloride and oxygen are the resultant 
products. 

b. The molecular formulae for potassium 
chlorate, potassium chloride and oxygen are 

KCIO 3 , KC1 and O a 
The equation is . 

KC10 a ->-KCT b0 2 (not balanced) 

Taking 2 molecules of potassium cliloiate, 
we get the equation as : 

2 KC 1 C> 3 -> 2 KC 1 -|- 3O s (balanced) 

The coefficients lepresent the number of 
molecules that react or are produced. The 
balanced equation means that 2 molecules 
of potassium chlorate decompose to produce 
2 molecules of potassium chloride and 3 
molecules of oxygen. 

Since a molecule represents a definite 
weight in grams we know the proportions of 
the reactants and the products by weight. The 
weights of the substances involved can 
therefore be calculated but in the equations 
given lieie no account is taken of the energy 
gained or lost. While the question of 
energy changes accompanying chemical 
reactions forms the subject of more 
advanced books on chemistry, some simple 
examples of calculations based on chemical 
equations are as follows 


Example 1 

Calculate the weight of ,’mc sulphate produced, 
when 2 g of zinc is treated wilh an excess of sulphuric 
acid Find out also the weight of the sulphuric acid 
consumed 

Zinc reacts with sulphuric acid to produce 
zinc sulphate and hydrogen. The equation 
of the leaction is: 

Zn + H 2 S0 4 - ZnS0 4 + H 2 

65 4 g 98 g 161.4 g 2 g 
Thus 65.4 g of zinc reacts with 98 g of 
sulphuric acid to pioduce 161 4 g of zinc 
sulphate and 2 g of hydrogen 


Zinc sulphate ptoduced from 


2 g of zinc = 

161 4 

- 77 — ; x2 
65 4 

= 

4 93 g 

and weight of sulphuric acid 

98 

consumed = 

- tx —, X2 
65.4 

= 

2.99 g 


Example 2 


Calculate the weight of silver chloude which would 
be produced from 2 g of common salt. Find out 
also the weight of silver nitrate required for the purpose 


The equation of the reaction is: 

AgN0 3 + NaCl AgCl + Na.N0 3 
170 g 58 5 g 143.5 g 85 g 
Thus 170 g of silver nitrate react with 
58.5 g of common salt to produce 143.5 g 
of silver chloride and 85 g of sodium nitrate. 
Weight of silver chloride 
produced from 2 g of 


common salt 


143 5 
58.5 
4 9 g 


X2 


and the weight of silver nitrate 

170 

required = ^g" j X 2 

= 5 81 g 
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SUMMARY 

Matter undergoes two main types of change: (i) physical change, (u) chemical 
change. 

A physical change is a temporary change. 

No new substance is formed in a physical change. 

A chemical change is a permanent change. It is affected by heat, light, 
electricity, close contact and also percussion or explosion. At least one new 
substance is formed in a chemical change. 

A chemical change is usually accompanied by change of temperature (evolution 
or absorption of heat during the change). 

Chemical combination is a chemical change when two or more substances 
combine to form a new substance. 

Chemical decomposition is a chemical change when a substance breaks up into 
two or more new substances. 

Simple displacement is a chemical change when an element is displaced fiom 
a substance by another element to produce a new substance. 

Double decomposition is a chemical change when a mutual exchange of pai Lners 
by two substances m solution takes place. 

A chemical equation is a quantitative relation between the leactants and the 
resultants expressed in the fonn of their molecular formulae. 

Reactants are the substances that take part in a reaction Resultants are the 
substances that are produced in a reaction. 

REVISION QUESTIONS 

1. What are the types of change that matter undergoes? Illustrate your answer 
with examples. 

2. State the characteristics of a chemical change, with illustrations. Give four 
examples to show that chemical changes in matter produce new substances. 

3. Explain what is meant by chemical combination. Illustrate your answer 
; with at least two examples 

4. What is chemical decomposition? How does it take place? Illustrate your 
answer with at least two examples. 

5. What is simple displacement? Illustrate your answei with two examples. 

6 . Explain what is meant by double decomposition. Illustrate your answer with 
at least two examples. 

7 State the conditions affecting a chemical change. Illustrate your answer with 
examples. 

8 . What type of change takes place when’ 

1 ) Iodine is heated, 

n) Red lead is heated. 

iii) Electric current is passed through acidulated water. 

iv) A zinc rod is placed in silver nitrate solution. 

v) Hydrochloric acid is added to silver nitrate solution. 

vi) Sulphur is burnt in air. 
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vii) Iron filings aie added to molten sulphur 
vin) Limestone is heated. 
ix) Marble is mixed with hydrochloric acid. 

Give reasons m each case. 

9. Chemical equations quantitatively represent chemical changes Explain with 
examples. 

10. State what is implied by the expressions- 

l) CaCO a +2HC1 -»■ CaCl 2 M-H 2 0+C0 2 
n) 2NH 4 C14 2KN0 2 —>2KC 1+2N 2 +4H a O 

11. How are chemical equations written and balanced 9 Jllustiatc your answer 
with an example. 

12 Calculate the weight of the product foimed when 0.12 g of magnesium ribbon 
is completely burnt m oxygen. 

13. Calculate the weight of hydrochloric acid which would be requued to com¬ 
pletely decompose 2 g of calcium carbonate. 

14. Calculate the weight of potassium chloride pioduced fiom2 45 g of potassium 

chlorate. > 



CHAPTER 11 


Atomic Weight., Molecular Weight, 
Equivalent Weight and Valency 


11.1 Atomic weight 

Elements are composed of atoms which 
are exceedingly minute The actual weights 
of these atoms are so very small that they 
cannot be used in chemical calculations 
So, in chemistry we are more interested in 
the relative weights of atoms than their 
actual weights. These relative weights are 
called the chemical atomic weights of the 
elements. Dalton selected hydrogen (the 
lightest element) as the standard. He and 
some of the later chemists took the atomic 
weight of hydrogen as 1 though its actual 
weight is very small (1.673 X10 -24 g), as is 
known at present. They compared the 
weights of atoms of other elements with that 
of hydrogen and found that the weight of 
the oxygen atom is 15 88 times that of the 
hydrogen atom. For various reasons oxygen 
was found to be a much more convenient 
element as a standard than hydrogen. One 
important reason is that oxygen combines 
with the largest number of elements. By 
international agreement its atomic weight 
was fixed at 16.00. Taking oxygen as the 


standard (=16 00) the atomic weight of 
hydrogen comes to 1 008. The atomic weight 
of an element was defined as the weight of one 
atom of that element related to the weight of 
one atom of oxygen taken as 16.00 Now¬ 
adays caibon (=12) is used as the standard; 
this makes a very small diffeience. Atomic 
weight is a number and when it is expressed 
m grams, it is called gram-atomic weight 


or gram-atom 


The atomic weights of some 
elements, on the basis of oxygen ( 
are given below 

common 
= 16.00), 

Element 

Svmbol 

Atomic 



weight 

Oxygen 

0 

16.000 

Hydrogen 

H 

1,008 

Nitrogen 

N 

14.008 

Carbon 

C 

12.011 

Sulphui 

s 

32.066 

Phosphorus 

p 

30 975 

Chlorine 

Cl 

35 457 

Sodium 

Na 

22991 

Potassium 

K 

39 100 

Magnesium 

Mg 

24.32 

Calcium 

Ca 

40.08 

Iron 

Fe 

55.85 

Copper 

Cu 

63.54 
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Element 

Symbol 

Atomic 

weight 

Silver 

Ag 

107 88 

Gold 

Au 

197.00 

Zinc 

Zn 

65 38 

Mercury 

Hg 

200 61 

Aluminium 

A1 

26 98 

Tin 

Sn 

118.70 

Lead 

Pb 

207.21 


Note. The atomic weights on the basis of carbon 
(=12) can be calculated from the values given above 
12 

by multiplying by -. 

12,011 

11.2 Molecular weight 

We have learnt that a molecule is a 
cluster of atoms A molecule of an element 
contains one or more of the same kind of 
atoms, but a molecule of a compound con¬ 
tains atoms of different kinds in clusters of 
two or more The weight of a molecule is 
equal to the sum of the weights of the atoms 
present in the molecule. As atomic weights 
are relative, molecular weights are also 
relative. The molecular weight, oj a substance 
may be defined as the weight of a molecule 
of the substance related to the weight of an 
atom of hydrogen taken as 1.008 or of oxygen 
taken as 16.00 or the weight of an atom of 
carbon taken as 12.00. Molecular weight is a 
number. If it is expressed m grams, it is called 
gram-molecular weight or gram-molecule or a 
mole. If M is the molecular weight, then Mg 
of the substance is known as one gram- 
molecule or a mole of the substance. 
Molecular weight is obtained by adding 
the atomic weights of the atoms in the 
molecular formula of the substance. This 
may be illustrated by the following simple 
examples, 

i) The water molecule, represented by 
H a O, contains two atoms of hydrogen 
and one atom of oxygen The atomic 
weight of hydrogen =1.008, and that 
of oxygen = 16.00. 

Therefore, molecular weight of water 
=2X1.008 + 16 00 = 18.016. 


ii) The carbon dioxide molecule, repre¬ 
sented by C0 2 , contains one atom of 
carbon and two atoms of oxygen. The 
atomic weight of carbon =12 011, and 
that of oxygen = 16.00. 

Therefore, molecular weight of carbon 
dioxide=12.011+2X 16 00=44.011. 
lii) The common salt molecule, represented 
by NaCl, contains one atom of sodium 
and one atom of chlorine The atomic 
weight of sodium=22.99 and that of 
chlorine=35.45. 

Therefore, molecular weight of common 
salt=22.99+35.45 
=58 44. 

iv) The limestone molecule, represented by 
CaC0 3 , contains one atom of calcium, 
one atom of carbon and three atoms 
of oxygen. The atomic weight of 
calcium=40 08, that of carbon=12.011, 
and that of oxygen= 16.00. 

Therefore, molecular weight of lime- 
stone=40.08 + 12.011 +3 X16 00 
= 100 091. 

The number of moles present in a 
given weight of a substance is the ratio of 
the weight in grams of the substance to its 
gram-molecule, that is, 

No of moles in Wg=-—?- 

gram-molecule 

Example 

Calculate the number of moles and millimoles 
contained in 0 49 g of H 2 S0 4 (H=l 008, S=32, 
0=16 00) 

Formula weight of H 2 S0 4 =2X 1 0088 + 32 
+4X16=98 

Therefore, no. of moles in 0.49g of H 3 SO d 


Since 1 niole=1000 millimoles 
Therefore, no of millimoles=0.005 X1000 
=5 (Answer) 

11.3 Equivalent weight jmd valency 

Equivalent weight is another term that is 
frequently used. Elements do not always 
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combine m terms of their atomic weights 
This is due to the fact that different ele¬ 
ments have different combining capacities 
This capacity of atoms to combine together 
is called valency. For example, 

1 ) One atom of chlorine combines with 
one atom of hydrogen; 

ii) One atom of oxygen combines with 
two atoms of hydrogen; 

iii) One atom of nitrogen combines with 
3 atoms of hydrogen; 

iv) One atom of carbon combines with 4 
atoms of hydrogen. 

As the valency of hydrogen is taken as 
one, the valency of cliloiine, oxygen, nitrogen 
and carbon will be 1,2,3 and 4 respectively. 
Since .eight parts of oxygen combine with 1 
part of hydrogen, and the valency of oxygen is 
2, the following relationship can be arrived at. 
atomic wt. of oxygen 16 
valency 2 ' 

and 8 is called the equivalent weight of oxygen. 

T r atomic wt. 

Hence .——-- — valency 

equivalent wt. 

Atomic weight/equivalent weight is an 
integer which is the valency of the 
element. It is defined as a number which 
expresses how many atoms of hydrogen oi a 
univalent element combine with oi are replaced 
by an atom of the given element. 

The equivalent weight of an element is 
obtained by dividing its atomic weight by its 
valency. If we fix a standard, equivalents 
of all elements become comparable. Oxygen 
being an active element is taken as a 
standard and its equivalent weight is fixed 
as 8. 


This is illustrated by the following simple 
examples. 

i) 8g of oxygen combine with l,008g 
of hydrogen and l.OOSg of hydrogen 
combine with 35 45g of chlorine. 

equivalent wt. of hydiogen=1.008 
and equivalent wt. of chlorme=35.45 

ii) 12g of magnesium combine with 8g 
of oxygen. 

Equivalent wt of magnesium=12 
Elements need not have only one equi¬ 
valent weight. Some elements like Cu, Fe, 
have more than one because they have more 
than one valency 

An equivalent weight of any element 
always reacts with an equivalent weight of 
any other element. This is known as The 
Law of Equivalents. 

Some simple examples of the calculation 
of equivalent weight are given below. 

Example l 

2 32g of silvei oxide when heated strongly gave 
2.16g of silver residue. Calculate the equivalent 
weight of silver. 

Wt. of silver oxide =2 32g 
Wt. of silver =2 16g 
Wt. of oxygen 

combined =2.32—2.16=0.16 g 

r% -( s' 

Equivalent weight of silver = —' ? X 8 = 108 
Example 2 

0 24g of magnesium displaced 0 02 g of hydrogen 
from hydrochloric acid. Calculate, the equivalent 
weight of magnesium. Equivalent weight of hydro¬ 
gen ==1.008. 

Equivalent wt. __Wt of magnesium 
of magnesium Wt. of hydrogen 


Thus the equivalent weight of an element 
is defined as the number of parts by weight of 
the element which combine with 8 parts of 
oxygen or the equivalent weight of any other 
element (#=1.008, Cl =35.45) 

When equivalent weight is expressed 
in grams, it is called gram-equivalent weight 
or gram-equivalent. 


X Equivalent wt. of hydrogen 
0 24 

= --X 1.008 

0.02 

= 12.096 


Example 3 

Silver chloride contains 24 6 per cent of chlorine. 
Calculate the equivalent weight of silvei. 
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Percentage of silver m 
silver chlonde =100—24 6 
=75.4 

Equivalent weight _75 4 / Equivalent wt. 
of silver 24 6 X of chloiine 

75 4 

=!r_Ix 35.45 
24 6 

= 108 6 

The idea of equivalent weight is connected 
with the Law of Equivalent or Reciprocal 
Proportions. This law gives the proportions 
by weight in which elements combine with 
and displace one another Two simple 
examples aie given below 

i) Oxygen combines with hydrogen and 
with magnesium, and hydrogen is dis¬ 
placed from acids by magnesium; the 
relationship is illustrated below 


OXYGEN i -81 



Thus, 

Oxygen, magnesium ' • 8:12 

Oxygen: hydrogen . : 8.1 

magnesium: hydrogen : : 12.1 

ii) Carbon, hydiogen and oxygen combine 
with each other, and the relationship 
is shown below. 

OXYGEN 


The above examples show that the weights 
of two elements (A and B) which separately 
combine with, or displace, one and the same 
weight of a third element (C), are also the 
weights of A and B which combine with or 
displace one another, or simple multiples of 
them This is the Law of Equivalent or 
Recipiocal Proportions. 

11.4 How chemical formulae are derived 
and written 

An inorganic compound (oxide, hydro¬ 
xide, acid, base or salt) is composed of two 
parts. One is called the positive part and 
the othei the negative part Each part has a 
definite valency (+m the case of the positive 
part and—m the case of the negative part), 
and is represented by a symbol. The chemical 
formula of the neutral molecule of a com¬ 
pound will therefore be the gioup of the 
symbols of the two parts taken m the inverse 
ratio of their valencies, as may be seen in the 
following examples. 

a. Sodium sulphate is composed of two 
parts: 

l) sodium represented by Na + 
ii) sulphate represented by SO.j= 

Therefore, the chemical foi- 
mula of the neutral molecule of 
sodium sulphate will be Na 2 (SO^i 
or Na 2 S0 4 . 

b. Calcium carbonate is composed of 
two parts: 



Thus, 

hydrogen: oxygen 
hydrogen: carbon 
carbon: oxygen 


l) Calcium represented by Ca ++ 
n) Carbonate represented by CO a = 
Therefore, the chemical formula of the 
neutral molecule of calcium carbonate will 
be CaC0 3 . 

The formula of a substance which re¬ 
presents the simplest latio of the atoms 
is known as the simplest or empirical 
formula, and the formula which represents 
the molecular weight of the substance 
is called the molecular formula. 
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Molecular formula =nX empirical for¬ 
mula, 

where n is a numbei = 

molecular formula weight 01 molecular weight 
empincal formula weight 

The empirical formula of an unknown com¬ 
pound is deuved from its percentage compo¬ 
sition which is determined experimentally 
by analysis of the compound. The derivation 
of the formula involves the following steps: 

i) Divide the percentage of each element 
present in the compound by its atomic 
weight This gives the atomic ratios. 

ii) Reduce the ratios obtained to the 
simplest integral ratio by dividing them 
by highest common factor. 

The symbols with the integral ratio 
numbers give the empirical formula. 
This may be illustrated by the following 
example. 

Example 

A salt contains: 

Na = 32 40 per cent 
S ■= 22.33 per cent 
O = 45 07 per cent 

The atomic weights of Na, S and O are 23, 32, 16, 
respectively. Calculate the chemical formula of the 
salt. 


Step 1. 

The 

atomic 

ratios 

are. 

Na 

= 

32.40 

23 

-1 40 


S 

= 

22.53 

32 

=0 70 


O 

= 

45 07 

16 

=2 81 


Step 2. 

The 

atomic 

ratios 

are reduced to 

integral 

ratios. 



Na 


1.40 

— 9 

o= 

281 

= 070 =4 neaily 


0.70 

C 1 


0.70 

0.70 _1 



3 





Therefore, the empirical formula of the salt 
is Naj Sj 0 4 or Na 2 S0 4 

The derivation of molecular formulae of 
substances requires their molecular weights 
which can be determined by several methods 
that are not possible to discuss here. The 
molecular weight is a multiple of the 
empirical formula weight, 

Molecular Wt. __ 
i e ,-=n. 

Emp. Formula Wt 

This will be discussed in detail m the portion 
dealing with organic compounds in Part III 
of the book. 


SUMMARY 


The atomic weight of an element is a number which represent the weight of an 
atom of the element in relation to the weight of an atom of oxygen taken as 16. 

A gram-atom of an element is the chemical atomic weight expressed in grams. 

The absolute weight of an atom is very small. 

The molecular weight of a substance is the weight of one molecule of the 
substance, related to the weight of an atom of oxygen (=16 00). 

Molecular weight is relative weight. It is a number. 

The gram-molecule is the molecular weight expressed in grains. It is called 
a mole. 

The equivalent weight of an element is the number of parts by weight of the 
element which combine with 8 parts of oxygen or with the equivalent weight 
of any other element. (H=1.008, Cl=35.45) 

The gram-equivalent is the equivalent weight expressed in grams. 

, atomic weight 

The ratl °equivalent weight gIVCS the mlency of the element 
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Substances react m equivalent proportions. 

The equivalent weight of a substance leads with an equivalent weight of another. 

This is the Law of Equivalents. 

The Law of Equivalent or Reciprocal Proportions relates to the proportions 

by weight in which elements combine with or displace one another. 

REVISION QUESTIONS 

1 Explain what is meant by the atomic weight of an element. 

2. Why do we take oxygen (=16.00) and not hydrogen (=1) as the standard 
for fixing the atomic weights of elements? 

3 What is meant by ‘gram-atom’? Illustrate your answer with examples. 

4. Explain what is meant by the molecular weight of a substance. 

5 What is meant by ‘gram-molecule’ aud ‘a mole’? Illustrate your answer with 
examples. 

6 Give the molecular weights of. (i) H 8 S0 4 (u) NaCl (m) H a O (iv) Na a C0 3 
10H a O (v) HN0 3 (vi) A1CL, (vii) ZnCl 2 (vui) MgS0 4 7H 2 0 

7 Explain what is meant by the equivalent weight of an element. 

8. How are the atomic weight and equivalent weight of an element related? 

9. What is meant by the gram-equivalent of an element? Illustrate your answer 
with examples, 

10. How can you state the valency of an element in terms of its atomic weight 
and equivalent weight? 

11. State the Law of Equivalents. Illustrate with examples how this law helps 
us to find out the equivalent weights of elements. 

12. A metallic oxide contains 40 per cent of oxygen. Calculate the equivalent 
weight of the metal. 

13. Illustrate with two examples the statement that the weights of two elements 
(A and B) which separately combine with, or displace, one and same weight 
of a third element (C) are also the weights of (A) and (B) which combine 
with or displace one another. What is the name of the law involved? 

14. Why is an idea of mass necessary in chemistry? Illustrate your answer with 
examples. 

15. State briefly how the chemical formula of a substance is derived and written 
Illustrate your answer with examples, 



CHAPTER 12 


The Structure of Atoms / 

i 

1 


12.1 The modern conception of an atom 

The idea of atoms put forwaid by Dalton 
has undergone a marked change during the 
past hundred years. Atoms are no longer 
considered to be indivisible particles. We 
now know that each atom has a structure of 
its own and is made up of more fundamental 
particles. The most important of these aie: 

i) Electrons 

ii) Protons, and 

lii) Neutrons. 


12.2 Electrons 

Elections are negatively chaiged particles, 
extremely small in size. Each electron 
weighs 1/1845 of a hydrogen atom and carries 
a unit negative charge The existence of 
electrons can be proved by experiments using 
the discharge tube. 

Experiment 1 

Connect a discharge tube, consisting 
of a glass tube provided with two metal 


HIGH VOLTAGE 
SOURCE 


GLASS 



z 


STREAMS OF ELECTRONS 


/NEGATIVE 
ELECTRODE 
C CATHODE) 


' r 



TO VACUUM 
PUMP 


POSITIVE 

ELECTRODE 

(ANODE) 


Fig 64 Cathode ray discliaigc tube 
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electrodes, to a source of high voltage, as 
shown in Figure 64. 

Evacuate the tube as much as possible 
and pass a current at a high potential between 
the electrodes. Note the streaks of bluish 
light going out fiom the negative electrode 
( cathode ) towards the positive electiode 
(anode). The rays appear to travel m 
stiaight lines fiom the cathode They stake 
the wall at the opposite end of the tube 
The wall fluoresces or glows. 

Note the following piopeities of the cathode 
rays: 

1 ) they travel m straight lines as shown in 


Figuic 64; 

n)pm object placed m their path casts a 
'"T sharp shadow on the end of the tube, 
as shown in Figure 65, 
iii) they can cause a light paddle-wheel 
placed in their path to rotate; 
lv) when they strike a piece of metal foil, 
the foil becomes hot, 
v) they aie deflected by magnetic and 
electrical fields; the character of the 
deflection is the same as would be 
shown by negatively charged particles m 
passing through such fields, as illustrate 
ed in Figuic 66. 

OBJECT 



J/EGATIVE 
_ PLATE 




Postrn'E 

PLATE 


Fig 66. Electrons arc repelled by the negative plate and attiacled by the positive plate 
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The above-mentioned properties of 
cathode rays are best explained on the basis 
that they consist of streams of small particles 
of matter which are negatively charged. 
These particles are called elect tons. Elec¬ 
trons are readily produced when ceitain 
metals are heated, and this principle is used 
m electronic devices. 

Electrons form part of all atoms, and can 
be liberated from any kind of atom. 

12.3 Protons 

Protons carry a positive charge, and 
each has a unit mass or about the same mass 
as that of a hydrogen atom. Protons are also 
present in all atoms. They were observed 
by Goldstein, in 1886, in a discharge tube 
with a perforated cathode. Rays of protons 
passed through the holes in the cathode 


Loid Rutheiford, in 1919, gave con¬ 
vincing proof that atoms contain protons 
which are actually ejected when atoms of 
nitrogen and aluminium are bombarded by 
a-particles piojected from radium. 

12.4 Neutrons 

Neutions are also units of the atomic 
structure. They also have a unit mass each 
but they have no charge. They were dis¬ 
covered m 1932 by Sir James Chadwick, a 
British physicist 

These three kinds of pai tides make up 
the structure of all known atoms. The 
question as to how they are arranged was 
very much discussed in the beginning of 
this century and Rutherford gave a picture 
of their arrangement which was furthei 
amplified by Niels Bohi. The Rutherford- 



HYDROGEN ATOM 

PROTONS - I 
NEUTRONS -0 
ELECTRONS = 1 
ATOMIC MASS =/ 



CARBON ATOM 


PROTONS - 6 
NEUTRONS = 6 
£LECTRONS ^6 
ATOM/C MASS * 12 



HELIUM ATOM 

PROTONS =2 
NEUTRONS -2 
ELECTRONS-2 
ATOM/C MASS =■4 



NITROGEN ATOM 
PROTONS - 7 
NEUTRONS - 7 
ELECTRONS-7 
ATOM/C MASS -M 

Fig. 67. Structures of some atoms 



PROTONS -8 
NEUTRONS - 8 
EL ECTRONS-8 


ATOMtC MASS = U 



SULPHUR ATOM 

PROTONS - !6 
NEUTRONS -16 
ELECTRONS - IS 
ATOMIC MASS-£2. 
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Bohr stiucture is now accepted. According 
to this, each atom has a small, compact 
nucleus which contains protons and neutrons 
and is positively charged; the protons are 
responsible for the positive charge. The 
nucleus has a laige space around it. In this 
space, around the nucleus are placed the 
electrons m definite orbits or shells, named 
serially as K, L, M, N, O, P, and the total 
number of electrons in the shells is equal to 
the number of protons in the nucleus. The 
result is that the atom is electrically neutral 
and its mass is concentrated in its nucleus. 
The atomic mass =the number of protons+ 
the number of neutrons. The net positive 
charge of the atom gives the atomic 
number of the element The atomic number= 
the number of protons=the number of 
electrons in the shells These features of 
atomic structure can be illustrated by means 


of the simple examples shown in Figure 67. 

In any given element, each shell is able 
to contain a certain maximum number of 
electrons, which is given by 2 n 1 wheie n 
represents the number of the shell. 

Thus the maximum number of electrons 
that can be present m the various shells of 
an atom are: 


Maximum number 


Shell 

Value of n 

of electrons in 


the shell 

K 

1 

2 x 12 = 2 

L 

2 

2 x 22 = 8 

M 

3 

2 x 32 = 18 

N 

4 

2 x 42 = 32 


In the case of large atoms the inner 
shell is completed before an outer one 
is formed. The outermost shell, however, 
cannot have more than 8 electrons and the 
next to the outermost shell cannot have 
more than 18 electrons. 



Fig. 68, Chemical combination by transference of electrons 
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12.5 Electronic Theory of Valence 

In most chemical reactions, it is only the 
electrons m the outermost shell that are 
involved. They are theiefore called the 
valence electrons. Atoms having 8 electrons 
in the outermost shell are quite inactive, as 
for example, the inert gases, Ne, A, Kr, Xe. 
Helium which is the smallest has only two, 
and is also stable 

The general principle involved in chemical 
reactions is the need of the atom to complete 
the outermost shell by having eight electrons 
in it. (In the case of the small atom of 
hydrogen, two electrons will do) This 
produces stability, and can happen in two 
ways: 

i) By transfer of electrons For example, 
sodium combines with chlorine to 
foim sodium chloride as shown in 
Figure 68. An atom of sodium (Na) 
loses one electron, which is gamed by 
an atom of chlorine (Cl). Thus transfer 


of electrons takes place as illustiated 
below • 


Na “ le . Na+ 
Atom 

Cl_ci- 

Atorn ion 


NaCl 

-> (neutial 

molecule) 


This kind of combination is called 
electrovalent combination, and the va¬ 
lency is called electrovalency 
,u) By sharing of electi ons For example, 
carbon combines with hydrogen to 
form a compound called methane. 

Four electrons of a carbon atom and 
four electrons of four hydrogen atoms 
are used in the sharing as illustrated 
in Figuie 69 

This type of combination is called co¬ 
valent combination, and the valency is called 
covalency. 



Fig. 69. Chemical combination by sharing of electrons 
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The modern concept of valence or 
valency is based on the above-mentioned 
principle of chemical combination. The 
number of valence of an element is the number 
of electrons gamed or lost or shared by an 
atom of the element. This can be illustrated 
by the following examples. 

i) Combination of sodium and chlorine. 

The sodium atom loses one electron 


and the chlorine atom takes one The 
valency of sodium is therefore one, 
and that of chlorme is also one. 

ii) Combination of carbon and hydrogen. 
The carbon atom shares four electrons 
with four hydrogen atoms. The 
valency of carbon is therefore 
four. 


SUMMARY 


An electron is a fundamental negative pailiclc with a mass equal to 1/1845 
of the weight of a hydrogen atom. A proton is a fundamental particle, positively 
charged, having a unit mass 

A neutron is an electrically neutial particle having a mass equal to the sum of 
the masses of a proton and an electron Its mass is approximately a unit mass. 

The atomic mass of an element is equal to the sum of piotons and neutrons 
present in the nucleus. 

The atomic numbei of an element is equal to the number of protons in the 
nucleus or the number of electrons outside the nucleus. It represents the net 
positive charge of the nucleus. 

Rutherford’s Nuclear Theory, modified by Bohr, states that. 

1 ) An atom has a small compact nucleus containing protons and neutrons, 
with a positive charge due to protons. 

ii) The nucleus has a large space around it. 

iii) Elections move in this space in definite oibits, or shells. 

iv) The number of electrons in the shells is equal to the number of protons 
in the nucleus. An atom is, therefore, electrically neutral. 

v) The electrons are at telatively large distances from the nucleus. 

vi) At least 99.9 per cent of the mass of an atom is in the nucleus. Chemical 
reactions take place as a result of transfer or sharing of electrons in the 
outermost shells. 

Transfei ence of electrons creates an electrovalent bond. 

Shai mg of electrons cieates a covalent bond. 

The number of the valency of an element is the number of electrons gained 
or lost or shared. 
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REVISION QUESTIONS 

1. Name the important fundamental particles present in an atom 

2. Explain what is meant by: 

(i) electrons, (ii) protons, (iii) neutrons, (iv) atomic number, (v) nucleus. 

3. Explain why Dalton’s Atomic Theory has been modified? 

4. Describe the Rutherford-Bohr concept of an atom. Illustrate it with the 
atoms of hydrogen, oxygen, nitrogen, carbon, sulphur and phosphorus 

5. What is the modern concept of valence or valency? Illustrate with examples. 

6. Is an atom electrically neutral? If so, explain why. 

7. What are valence electrons? How do chemical reactions take place? 
Illustrate your answer with examples. 

8. Give the number of electrons, protons and neutrons m the following atoms, 
(i) hydrogen (ii) helium (iii) oxygen (iv) sulphur. 

Draw sketches showing their atomic structures. 

9. Justify the statement that the mass of an atom is concentrated in the nucleus. 

10. The structure of an atom is based on a knowledge of the fundamental 
particles of matter. Explain with examples. 



CHAPTER 13 


The Periodic Classification of Elements 


13.1 glassification of elements (Mendeleev’s 
Periodic Table) J 

In the early days, the number of elements 
known was small and therefore the study of 
chemistry was simple. But during the last 
century, as more and more elements were 
discovered, the need for classifying them was 
felt, for otherwise it would be difficult to 
study chemistry. Several of the earlier 
attempts were not so successful. The 
most important classification was that of 
Mendeleev, a Russian chemist, and it is called 
Mendeleev’s Periodic System or Table. He 
arranged the elements in the order of 
increasing atomic weights but in several 
cases he modified this order on the basis of 
chemical properties He noticed that the 
same properties recur periodically. Conse¬ 
quently, the name Periodic Classification 
has been given to his Table. 

Mendeleev’s Periodic Table was quite 
useful for a long time, but later new dis¬ 
coveries created need for modification. 

13.2 The Periodic Table 

In 1914, Moseley, a British scientist, 


introduced the idea of atomic num¬ 
bers He showed that atomic numbers 
are more fundamental than atomic 
weights m determining the chemical 
properties of the elements. The known 
elements were therefore arranged m the 
order of increasing atomic numbers, instead 
of atomic weights. The newly discovered 
elements fitted in well. This gave us the 
modern Periodic Table based on the new 
Periodic Law which states: ‘The properties 
of elements recur periodically when the ele¬ 
ments are arranged in the order of increasing 
atomic numbers'. In this chart, the elements 
fall into groups having very similar proper¬ 
ties. 

The position of each element in this 
Table gives the atomic number of the ele¬ 
ment. This number could also be deter¬ 
mined independently by Moseley’s X-ray 
method, The atomic number is equal to 
the number of positive charges or protons 
in the nucleus of the atom, or the number 
of electrons outside the nucleus. 

The Periodic Classification of the ele¬ 
ments so far discovered is given in the 
Table on pages 98-99. It consists of seven 
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periods or senes (horizontal rows) and nine 
gioups (vertical columns) of elements. 

The elements called typical elements are 
in the main groups and those called tiansi- 
twn elements are in the sub-groups. The 
groups are numbered from Zero to VIII, and 
many of them have sub-groups A and B. 

An important feature of this Table is that 
the elements in the same group have the same 
valency and similar properties. Some exam¬ 
ples are: 

i) The inert elements with complete outer¬ 
most shells and little chemical activity. 

ii) The electropositive elements with one, 
two or thiee valence electrons. These 
are metals. They lose electrons to 
form positive ions. 

iii) The electronegative elements with six 
or seven valence electrons, These are 
non-metals such as oxygen, sulphur and 
the halogens. They gam electrons to 
form negative ions. The elements in 
a given A group resemble to some 
extent the corresponding elements in the 
B group of the same number. 


l.U Properties of elements in series and 
In groups 

The piopcrtics of elements in series vary 
considerably. The metallic character of the 
elements in a series diminishes as the atomic 
number increases, for example, sodium 
and magnesium arc metals while sulphur and 
chlorine are non-metals. Each series as a 
whole resembles the preceding one. The 
elements falling in a group resemble each 
other in their piopcrtics. They however differ 
from the properties of the elements in other 
groups, for example, the properties of 
elements in Group T differ from those of 
elements in Group VII. The former possess 
the typical properties of metals, and the latter 
have the properties of non-metals The 
dill'erenl elements in u group or family possess 
chemical and physical propci lies which aie 
closely similai. But (he properties vary 
gradually and regularly as the atomic number 
increases. The similarity in properties is 
due to the fact that the arrangement of the 
electrons in the outermost or valence shells 
of the elements in the same group is the same. 
Further details will be discussed during the 
detailed discussion of the elements of each 
group, which will follow in the subsequent 
parts of this book. 


SUMMARY 


en e eev c assified the elements in the older of increasing atomic weights. 
_.^ e e ™ er iodic Table is prepared on the basis of atomic numbers. 

, e ^. no . lc aw , states that the properties of elements arc a periodic function 
o eir a onne nu mb ers. The elements arc arranged in the order of increasing 
atomic numbers. Thev fall i„ , • 

i y "t groups and m scries. 

The vertical columns fnr. 1 , , . , . 

T . __ „„ -. u urin the groups and the horizontal rows give the senes. 

There are nine groups and seven. series 

The elements m a ecorw, , . 

similar properties p tx hibit the same valence and possess more or less 

The elements in 


sider^ly in properties. 


series possess different atomic structures and vary con- 



THE PERIODIC CLASSIFICATION OF ELEMENTS 

REVISION QUESTIONS 

1. Why was the classification of elements nece Table? 

2. What was the basis of Mendeleev’s Periodic Table? 

3. Explain why Mendeleev’s system has been modified? 

4 State the modem Periodic Law. How does it differ from the old law? 

5. Why is the system of classification known as Mendeleev’s Penodic Classification 
of Elements. 

6. What is meant by atomic number? Illustrate your answei with examples. 

7. What is a group of elements? What is a seiies of elements'? Give the 
number of groups in the Periodic Table. 

8. The elements of a group have similar properties but the elements in a seiies 
have dissimilar properties. Explain 

9 What is meant by saying that the number of a group gives the valency of the 
elements of that group? 

10 State briefly how the metallic character of elements vanes in the periodic 
system Name the elements which are most reactive and those which are 
least reactive 
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Period 

Group 

Ia 

Group 

IIa 

Group 

IIIa 

1 

1 

Hydrogen 

(H) 

1.008 



2 

3 

Lithium 

(Li) 

6.94 

4 

Beryllium 

(Be) 

9 01 


3 

11 

Sodium 

(Na) 

23 00 

12 

Magnesium 

(Mg) 

24.3 


4 

19 

Potassium 

(K) 

391 

20 

Calcium 

(Ca) 

401 

21 

Scandium 

(Sc) 

45 0 

5 

37 

Rubidium 

(Rb) 

85 5 

38 

Strontium 

(Sr) 

87.6 

39 

Yttrium 

00 

88.9 

6 

55 

Cesium 

(Cs) 

132.9 

56 

Barium 

(Ba) 

137.3 

57* 

Lanthanum 

(La) 

138.9 

7 

87 

Francium 

(Fr) 

223 

88 

Radium 

(Ra) 

226 

89** 

Actinium 

(Ac) 

227 
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Group 

Group 

Group 

Group 

IVa 

Va 

VIA 

VITa 


22 

23 

24 

25 

26 

Titanium 

Vanadium 

Chromium 

Manganese 

Iron 

(Ti) 

(V) 

(Cr) 

(Mn) 

(Fc) 

47.9 

50 9 

52.0 

54.9 

55.8 

40 

41 

42 

43 

41 

Zncomum 

Niobium 

Molybdenum Technetium 

Ruthemui 

(Zr) 

(Nb.) 

(Mo) 

(Tc) 

(Ru) 

912 

92.9 

95.9 

99.00 

1011 

72 

73 

74 

75 

76 

Hafnium 

Tantalum 

Tungsten 

Rhenium 

Osmium 

(Hf) 

(Ta) 

(W) 

(Re) 

(Os) 

178.5 

180 9 

183.9 

186.2 

190,2 


*Lanthamde 

Series 

58 59 

Cerium Praseodymium 
(Ce) (Pr) 

140.1 140.9 

60 

Neodymium 

(Nd) 

144.2 

61 

Promethium 

(Pm) 

(147) 

62 

Samarium 

(Sm) 

150.4 

63 

Europium 

(Eu) 

152.0 

^Actinide 

Series 

90 91 

Thorium Protactinium 
(Th) (Pa) 

232,0 (231) 

92 

Uranium 

(U) 

238.0 

93 

Neptunium 

(Np) 

(237) 

94 

Plutonium 

(Pu) 

(242) 

95 

Americium 

(Am) 

(243) 


NOTE: Figures m brackets indicate atomic weights of isotopes with the longest half lives, 
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TABLE 




Group 


Group 

Group 

Group 

Group 

Group 

Group 

Group 

Group 

VIII 


Tq 

11b 

IIIb 

IVb 

Vb 

VIb 

VIIb 

0 










2 

Helium 










(He) 










400 





5 

6 

7 

8 

9 

10 





Boron 

Carbon 

Nitrogen 

Oxygen 

Fluorine 

Neon 





(B) 

(C) 

(N) 

(0) 

(F) 

(Ne) 





10.8 

12 01 

14.01 

16 00 

190 

20.2 





13 

14 

15 

16 

17 

18 





Aluminium 

Silicon 

Phosphorus 

Sulphur 

Chlorine 

Argon 





(Al) 

(Si) 

(P) 

(S) 

(Cl) 

(Ar) 





27 0 

28 1 

31.0 

321 

35 5 

39.9 

27 

28 

29 

30 

31 

32 

33 

34 

35 

36 

Cobalt 

Nickel 

Copper 

Zinc 

Gallium 

Germanium 

Arsenic 

Selenium 

Bromine 

Krypton 

(Co) 

(Nl) 

(Cu) 

(Zn) 

(Ga) 

(Ge) 

(As) 

(Se) 

(Br) 

(Kr) 

58.9 

58.9 

63.5 

65,4 

69 7 

72 6 

74.9 

79.0 

79.9 

83 8 

45 

45 

47 

48 

49 

50 

51 

52 

53 

54 

Rhodium 

Palladium 

Silver 

Cadmium 

Indium 

Tin 

Antimony 

Tellurium 

Iodine 

Xenon 

(Rh) 

(Pd) 

(Ag) 

(Cd) 

(In) 

(Sn) 

(Sb) 

(Te) 

© 

(Xe) 

102.9 

1.064 

107.9 

112.4 

114.8 

118.7 

121.8 

127.6 

126.9 

131.3 

77 

78 

79 

80 

81 

82 

83 

84 

85 

86 

Indium 

Platinum 

Gold 

Mercury 

Thallium 

Lead 

Bismuth 

Polonium 

Astatine 

Radon 

(Ir) 

(PI) 

(An) 

(Hg) 

(Tl) 

(Pb) 

(Bi) 

(Po) 

(At) 

(Rn) 

192 2 

195.1 

197.0 

200 6 

204,4 

207.2 

209.0 

209 

(210) 

(222) 


64 

65 

66 

67 

68 

69 

70 

71 

Gadolinium 

Terbium 

Dysprosium 

Holmium 

Erbium 

Thulium 

Ytterbium 

Lutetium 

(Gd) 

(Tb) 

©y) 

(Ho) 

(Er) 

(Tm) 

(Yb) 

©u) 

157.3 

rS 

158.9 

162.5 

164.9 

167 3 

168,9 

173.0 

175.0 

96 

97 

98 

99 

100 

101 . 

102 

103 

Curium 

Berkelium 

Californium 

Einsteinium 

Fermium 

Mendelevium 

Nobehum 

Lawrencium 

(Cm)' 

(Bk) 

(Cf) 

(Es) 

(Fm) 

(Md) 

(No) 

©w) 

| (247) 

i 

1 

i 

1 

(245) 

(251 

(254) 

(253) 

(256) 

(254) 

(257) 
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Some Important Objective Questions 


1. Comment on the following statements giving j.casons in each case: 

0 Air is a compound of oxygen and nitrogen. 

li) Carbon dioxide is not a compound but a mixture of carbon and oxygen, 
ui) Oxygen supports life. 

iv) Inhaled air contains more oxygen than is present in exhaled air, 

v) Exhaled air contains more caibon dioxide than inhaled air. 

2. Explain, giving reasons, why— 

i) River water usually produces a good lathei with soap solution, 
a) Sea water gives a curdy precipitate, instead of lather, with soap solution 
ui) Water, when electrolysed, gives always oxygen and hydrogen m the ratio 
of 1:2 by volume, and 8:1 by weight. 

iv) Water is a compound, and oxygen and hydrogen are elements. 

v) Hydrogen is liberated when steam is passed over heated iron filings. 

3. Point out which of the following statements are correct. Correct those which 
are wrong. Give reasons in each case. 

i) Diamond, graphite and charcoal are different forms of the same element. 

ii) Carbon dioxide gas is essential for life. 

iii) Carbon is a source of energy. 

iv) Carbon dioxide is a combustible gas and carbon monoxide supports 
combustion. 

4. Correct the following statements, giving reasons in each case. 

i) Sulphur dissolves in water. 

ii) Sulphur dioxide dissolves in water, giving alkaline solution. 

iii) Sulphur dioxide gets dried when passed over quicklime. 

iv) When sulphur is burnt in air, hydrogen sulphide is produced. 
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5. Point out which of the following statements are correct. Correct those which 
are wrong. Give reasons m each case. 

1 ) Phosphorus is a metal 

ii) Phosphorus occurs free in nature. 

hi) Red phosphorus is more poisonous than white phosphorus. 

iv) Phosphorus, when burnt m air, gives a product which dissolves in water 
to form an acid solution. 

v) Phosphorescence is the process of slow oxidation of phosphorus 

6. Correct the following statements. 

i) All metals are solid elements. 

ii) Aluminium metal occurs free in nature. 

in) All metals are dissolved by acids and alkalies 

iv) Copper displaces iron from a solution of an iron salt, and zinc displaces 
silver. 

v) Gold dissolves in hydrochloric acid as well as in nitric acid 

7. Complete the following statements: 

i) An acid reacts with a base to form-and-. 

ii) An acid turns-litmus-, and a base in solution turns- 

litmus-. 

lii) Common salt is obtained from-and—-. 

iv) Nitre when heated with cone sulphuric acid produces-and- 

v) Common salt in solution, when mixed with silver nitrate, gives-, 

and the solid salt, when mixed with concentrated sulphuric acid, pro¬ 
duces-. 

vi) Crystals of copper sulphate, when heated, lose-and-. 

Fused calcium chloride, when exposed to moist air, absorbs-and 

becomes-Glauber’s salt, when exposed to air, loses-and 

becomes-. 

vii) Gypsum, when heated to 120°C, gives- and the product with 

water will be--. 

8. Complete the following statements: 

i) Napthalene is a-and is used for-. 

ii) Organic compounds contain-as an essential constitutent. 

iii) Sucrose is-and when heated with concentrated sulphuric acid, 

gives-. 

9. Complete the following statements: 

l) The smallest particle of matter is called an-and a cluster of two 

or more atoms is called a-. 

ii) Atoms <?f the same element are-and those of ditfereht elements 

are-. 

iii) 2.4 g of magnesium combine with 1 6 g of oxygen to produce-g 

of magnesium oxide. 
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iv) A chemical formula consists of-of elements. 

v) Water is composed of-and-in the ratio of--by 

volume and m the ratio of-by weight. 

vi) The molecular formula of sulphuric acid is-and that of limestone 

is-. 

10. Complete the following statements: 

0 Limestone, when heated, gives-and-. 

n) Potassium chlorate, when heated, gives-and- 

in) Red lead, when heated, gives-and-. 

iv) Silver nitrate, when mixed with common salt m solution, gives- 

and- 

v) When ammonium chloride is heated, it-, 

vi) Iron filings, when added to fused sulphur, form-. 

11. Correct the following statements: 

l) Atomic weight x Valency ^Equivalent weight. 

ii) 12 g of magnesium combine with 16 g of oxygen to produce 28 g of 
magnesium oxide. 

iii) The molecular weight of sulphuric acid is, 100. 

wt. ol magnesium 

iv) The equivalent weight of magnesium =-X16 

wt. of oxygen combined 

v) The valency of magnesium is three. 

vi) 12 g of magnesium when treated with excess of H a SOd produces 2 g 
of hydrogen 

12. Point out which of the following statements are correct. Correct those 

which are wrong. 

l) The oxygen atom has the atomic number 8, and 8 neutrons. The atomic 
mass of oxygen is 8. 

ii) The valency of oxygen is four and that of sulphur is 2. 

iii) The atomic mass of sodium is 23, its atomic number 11, and its valency 
is one. 

iv) The atomic number of carbon is 6 and valency is four. 

v) The atomic number of calcium is 20, and the valency is two. 

13 Correct the following statements' 

i) The valency of sodium is one, and it occupies a position in the seventh 
group of the Periodic Table. 

ii) The valency of chlorine is one, and it occupies a position in the first 
group of Periodic table 

in) Aluminium occupies a position in the third group of the Periodic Table, 
and its valency is three. 




